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PREFACE 


The rapid advance of electrochemistry and its ever closer links 
with and mutual enrichment of other sciences, and the conlinuous 
expansion of its various branches makes a more or less comprehensive 
presentation of electrochemistry an extremely difficult task. 

In selecting the material and the order of presentation for this 
work I have been guided by the definition of electrochemistry, gi- 
ven by Kislyakovsky in 1912, as the science "concerned with the 
study of the phenomena accompanying the direct conversion of 
chemicalenergy into electrical and vice versa". This definition was 
taken further by Pisarzhevsky, who was the first to formulate cle- 
arly the prerequisites for mutual conversion of chemical and elect- 
rical forms of energy and introduce the concept of electrochemical 
systems in which this process is possible. Our presentation is based 
on the theory of electrochemical systems, their constituent parls and 
their possible states. It seems to me that these principles permit one 
to visualize eleclrochemistry as an integral whole and independent, 
self-contained discipline and clearly define the boundaries separa- 
ting it from closely related sciences. 

Much atlention is paid to disclosing the physical content of 
electrochemical phenomena and the essence of the related theoretical 
conceplions. The mathematical apparatus is relatively simple, and 
only the general principles of electrochemical experiment are given. 
Experimental procedures are described in more detail only where it 
is necessary for the understanding of the nature of the process in 
question or the essence of the theoretical views concerned. 

In writing this textbook I have tried to cover all the basic aspects 
of theoretical electrochemistry and to reflect as completely as possi- 
ble the latest advances and trends in its development. I hope that 
this has been accomplished lo some extent but though I have tried 
to be objective, I have probably not avoided a certain preference 
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for what seemed to me more correct, and particularly more important 
and interesting. In this connection it would seem appropriate to 
recall Mendeleyev's words in the preface to the fifth edition of his 
famous Fundamentals of Chemistry“: — ‘in all objective expositi- 
ons of science, there will always and inevilably be much that is 
subjective, bearing the stamp of the times and place... separate 
works, like a mirror, will reflect that which ix near more clearly 
and strongly... although I have striven to make my book a true 
mirror—what is dear to me has involuntarily been reflected most 
sharply and illuminated more clearly, and presented, through the 
reflection, in all its pristine brightness’. The truth of these words 
has probably been felt by everyone who has tried to generalize the 
material of any science or branch of it. 

In preparing the original Russian text for this English edition 
I have taken into account the advice and comments of my collea- 
gues and pupils, to all of whom I express my sincere gratitude. 
Special thanks are due to my wife who contributed so generously 
of her time and experience in selecting the factual material, rea- 
ding the entire book and making a host of suggestions to improve 
the clarity and rigour of the presentation. Without her constant 
help the book would have been impossible. lier many services 
above and beyond the call of duly are gratefully acknowledged. 


L. I. Antropov 
April 1972 
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INTRODUCTION 


1.1. THE SUBJECT AND SCOPE OF ELECT ROCHEMISTRY 


Electrochemistry is concerned with study of mutual conversion 
of chemical and electrical forms of energy and also of the laws and 
regularities associated with this process. Chemical reactions are 
usually accompanied by absorption or evolution of heat (the heat 
effect of the reaction) and do not involve electrical energy. Electro- 
chemistry deals with reactions proceeding at the expense of external 
electrical energy or serving as a source of this energy. Such reactions 
nre known as electrochemical reactions. ]t is evident that, from the 
viewpoint of thermodynamics, electrochemical reactions are not 
identical to chemical reactions, and electrochemistry should thero- 
fore be regarded as an independent science. 

To get a clearer understanding of electrochemistry as a science, 
it is necessary to consider in more detail the distinction between 
electrochemical and chemical reactions and to elucidate the causes 
due to which the energy effect of a chemical change takes the form 
of electrical energy in the first caso and heat in the second. Let us 
consider, as an example. the following chemical transformation, 


Fe* + Cut = Fe -p Cu?* (1.4) 


If this reaction takes place as a chemical process, it will have a num- 
ber of specific features. 

The reaction is feasible only when the reactants collide with one 
another. Hence, the necessil y of contact between the reacting parti- 
cles is the first specific feature of all chemical reactions. 

AL the moment of collision, when the reacting particles approach 
one another closely, transfer of electrons from one particle 1o another 
becomes possible. Whether this transfer of electrons actually occurs 
depends on the internal energy of the reacting particles and the ratio 
of thal energy lo the activation energy. The activation energy is 
a function of the nature of a chemical reaction: in ionic reactions 
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this energy, as a rule, is not great. The path travelled by an electron 
will be very small, this being the second characteristic feature of 
8 chemical reaction. 

Collisions may occur at any point of the reaction space, irrespec- 
tive of the position the reacting particles occupy relative lo one 
another. The electrons may therefore be transferred in any direction 
in space (Fig. I. 1). Tho chaotic nature of collisions between the 
reacting particles and the resultant random movement of electrons 


Fig. I. I. Schematic representation of electron tran 


ers during the chemical 
ionic reaction Fe * :- Cur — Fe : 
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constitute the third characteristic feature of a chemical reaction. 

Owing to these features of chemical processes the energy effect 
takes the form of heat. 

For an electrochemical process to take place. the reaction condi- 
tions must be altered. The gain or loss of electrical energy is always 
associated with the passage of an electric current, which is a flow 
of electrons in one direction. The conditions of a chemical reaction 
must be changed so that electrons move not randomly but in a sing- 
le definite direction. The use of electrical energy is possible only if 
the path traversed by electrons is great as“compared to the size of 
atoms. Thus, in electrochemical reactions the electrons migrating 
from one participant to another must travel a sufficiently long path. 
The path of electron movement however cannot be long if the reac- 
ting particles are brought into contact. Therefore separation of the 
Teactants in space is a necessary condition for an electrochemical 
process. 

But separation of the reactants alone, that is, the absence of con- 
tact between them, would stop the chemical reaction rather than 
change it into an electrochemical one. Obviously, in order to effect 
an electrochemical reaction it is necessary to provide additional con- 
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ditions in which the absence of contact between the reactants would 
not terminate the chemical process. The electrons must be torn off 
from ono of tbe participants (from copper ions in the example given 
above) and transferred along a single common path to lhe other 
reactant (iron ions). ‘This can be achieved if a direct contact between 
the reactants is replaced by their contact with two metal plates 
connected by means of a metallic conductor of electricity. For the 
flow of electrons to be continuous an electric current must also be 
passed through the reaction space. This is usually realized by the 
reactants involved in an electrochemical reaction (provided they 
are in the ionized state) and/or by addition of special compounds 
capable of exhibiting high ionic conduction under the particular 
condilions. 

In an electrochemical reaction, there is no direct contact between 
the reacting particles; instead, each of the participants is brought 
into contact with the electrode. In this case the reaction and the 
associated energy changes remain the same (no matter whether the 
reaction is chemical or electrochemical), but the kinetics may be 
different. The activation energy in an electrochemical process may 
differ from that in a chemical one, owing to the catalytic properties 
of the electrodes. Since the electrode potential may vary, the energy 
of activation for the electrochemical mechanism of a chemical reacti- 
on will depend not only on the nature of the reactants and the elec- 
trode, but also on the electrode potential. 

From the foregoing it follows that the rate of an electrochemical 
reaction depends not only on the temperature, the activity of the 
reactants and the material of the catalyst. i.e.. on the same factors 
chat determine the rale of a chemical reaction, but also on the elect- 
rode potential. Electrochemical reactions may be defined as chemi- 
cal reactions the rate of which is a function of the potential. They 
thus differ from chemical reactions not only from the thermo- 
dynamic (the energy effect of the process) hut also from the kinetic 
point of view (the energy of activation). 

The mutual conversion of chemical and electrical forms of energy 
is possible only in electrochemical systems, study of which is the 
field of electrochemistry. = 

A system in which an electrochemical process Lakes place is illu- 
strated in Fig. 1.2. It consists of the following parts: 

(1) the reacting substances and ionized substances or substances 
contributing to ionization, which provide the passage of an electric 
current; this parl of the system is an ionic conductor of electricit 
(conductor of the second class) and is termed the electrolyte; d 

(2) two metal plates in contact. with the electrolyte. which brin 
about an exchange of electrons with the reactants as well as a 1 
fer of electrons either to the external circuit (see below) or from th 
external circuit; these platos are known as electrodes: ° 
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(3) a metal conductor (conductor of the first class) connecting 
the electrodes and ensuring the passage of an electric current between 
them; it is called the ezternal circuit. 

When the electrolyte is a current-conducting solution of one or 
more substances in water or some other solvent, what we are concer- 
ned with is the electrochemistry of aqueous or nonaqucous solutions, 
When a molten salt or a mixture of molten salls or oxides serves as 


(a) (by (2) 


Fig. L2. Electrochemical systems: 
a—cquilibrium electrochemical s 
lytle cell: 2—external circuit; 2— electrodes; 3— electrolyte: 4 
tive clectrode; 6—cathede; 7—catholyte; $—n 


ystem; b—chemical source of electric current; c—electro- 


— positive electrode: 5—nega- 
nolyte; 9— anode 


the electrolyte, we have the electrochemistry of melts or molten 
media; and when the space between the electrodes is filled with 
a gas, we have the electrochemistry of gases. 

An electrochemical system may be in an equilibrium (Fig. I. 2a) 
or nonequilibrium state (Fig. I. 25 and c). A system producing elec- 
trical energy as a result of chemical transformations is called a chemi- 
cal source of electricity or galvanic cell (Fig. 1.26). In this case the 
electrode from which electrons are given up to the external circuit 
is called the negative electrode, or the negative pole of the cell. The 
electrode which accepts electrons from the external circuit is called 
the positive electrode. or the Positive pole of the cell. 

An electrochemical system in which chemical reactions are indu- 
ced by external electrical energy is called the electrolyzer or electro- 
lytic cell (Fig. I.2c). Here the electrode which accepts electrons from 
the reactants is called the anode. and the electrode which donates 
electrons to the participants is called the cathode. That part of the 
electrolyte in the immediate vicinity of the anode is the anolyte, 


and analogously the catholyte is the electrolyte surrounding the 
cathode. 
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lies oxidation, and the acceptance 


of electrons implies reduction. il may be said that tho anode is the 
electrode at which the reaction of oxidation occurs, and the cathode 
is the electrode at which reduction takes place. Hence the anode is 
also the negative, and the cathode the positive pole of a galvanic cell. 

The above considerations concerning the difference between elec- 
trochemical and chemical reactions and the subject malter and scope 
of electrochemistry are consistent with the views first expounded by 
L. V. Pisarzhevsky. The concept of "electrochemical science" may. 
however, be somewhat extended. Some authors regard as bolonging 
to electrochemistry the phenomena associated with the electrochemi- 
cal properties of colloids. with chemical reaclions caused by the acli- 
on of light or a flux of radioactive particles and giving rise to a poten- 
lial difference. with electrochemical processes occurring in animal 
and plant organisms, elc. It seems more correcl at present to distin- 
guish between colloid electrochemistry, photoelectrochemistry, etc., 
applying the lerm electrochemistry to systems involving mutual 
conversion of chemical and electrical energies. 

This classification is believed to be justified since each of these 
branches has ils own distinctive features. In bioelectrochemical 
for instance, the conversion of the energy of a biochemical 
as a rule. proceeds without the participation 
paralion of the charged particles is also re- 


Since the loss of electrons imp 


processes, 
reaction into electricity. 
of metals, but spatial se 


quired. 


From the diagram shown in Fig. 1.2 it follows thal a true electro- 


stem is a circuit composed of series-connected conductors 
5f the first and second classes. From this point of view, an electrical 
discharge in gases cannot be classed as a purely electrochemical 
process because the gases exhibit mixed electronic and ionic conduc- 
lion in these conditions and many fundamental laws of clectroche- 
mistry are not applicable to them. 


chemical sy 


1.2. THERMODYNAMICS OF ELECTROCHEMICAL SYSTEMS 


1.2.1, RELATION BETWEEN HEAT EFFECT. 
FREE ENERGY CHANGE AND ELECTRICAL ENERGY 
IN REVERSIBLE SYSTEMS 
between chemical and electrical 
energies, the study of which constitutes one of the main tasks of 
theoretical electrochemistry. can be established from the thermody- 


namic treatment of electrochemical systems. 
Suppose the following reversible and isothermal reaction lakes 


place in an electrochemical system: 


ase 


The quantilative relationship 


vA vn ... a vi. L vM +... +4 (1.2) 
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where va, Vp VL» : 
and vy = stoichiometric numbers 
z = number of elementary charges e (e — 4.808 x 


x 10-'" electrostatic units) corresponding to 


stoichiometric reaction 

q= thermochemical heat effect of reaction cor- 
responding to 7p in an isobaric and qy in 
an isochoric process. 

If the electromotive force (emf) measured in conditions of a rever- 
sible reaction (I.2) is E, then the quantity of electricity Laken up or 
produced by an electrochemical system will be equal to the product 
Eze or. on the gram-molecular basis, to Ez F. The quantity F is known 
as the Faraday number (Faraday's constant) or the faraday. It is defined 
as the product of Avogadro's number N4 = 6.02 x 10˙ by an ele- 
mentary charge e (F = Mae) and is equal to 96,500 coulombs (C). 

Since in an electrochemical system the energy changes correspon- 
ding to a current-producing process manifest themselves not as the 
heat effect but in the form of electrical energy, il is natural to assume 


that 


Eze = (1.3) 
or 
EzF = Q (1.4) 


where Q = Naq. This assumption was made by Thomson, and the- 
refore Eq. (I.4) is known as the Thomson principle. This principle 
however is not valid in a general case. A correct relation between heat 
effect and electrical energy can be found as follows. 

For reversible systems the first and the second law of thermodyna- 
mics are usually expressed by means of four independent equations: 


U = TS — PV (1.5) 
I —U-c-PV (I.6) 
$-U-—rTS (1.7) 
G=H —TS (1.8) 
where U = internal energy of system 

H = enthalpy. or heat content 

F = Helmholtz free energy 

G = Gibbs free energy 

T = absolute temperature 

S = entropy 


The internal energy U is defined as I} i i 
V ae le as the total differential of the entro- 


dU = T d$ — P dV, U =(, V) (1.9) 
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and, consequenlly, 
dH = T dS + dp. H = f (S. P) (1.10) 
dg = —SdT — P dV, F =f (T. V) (1.11) 
dG = —SdT -+ VdP, G=f (7, P) (1.12) 


All these equations take into account only the work Wm = PV 
done against the exlernal forces. In a general case, apart from doing 
(or being subjected lo) mechanical work, a system may also do (or 
be subjected to) some other type of work W. Equations (1.9) through 


(1.12) must therefore be rewrilten thus: 


dU = TdS—PdV —dW (1.13) 
dH = TdS—VdP—dW (1.44) 
dg = —SdT -d — aW (1.15) 
dG = —SdT + VdP dH (1.16) 


al work dW signifies that 


where the negative sign for an infinitesim 
will fall off. 


if this work is done by the system, ils potential energy 
From Eqs. (I. 13) through (1.16) we have: 


—dU sy = dW (1-17) 
dil sp = dW (1.18) 
dry = dW (1.19) 
dr = dW (1.20) 


that is. a change (decrease) in any of the principal thermodynamic 
functions for the given characteristic parameters is equal lo work 
differing from the work done against external forces. If the work W 


is electrical in nature. then 


W = 2FE (1.21) 
and 
dW = zF dE (J. 22) 
For a reversible isothermal reaction (1.2) 
Fr. r = —zF dEr. (1.23) 
and 
dGr,p = —2F dr. 7 (1.24) 
or 
Fr. = —2FEry (1.25) 
A6. 7 = —zFEr,» (1.26) 


Thus, the electrical energy produced (or consumed) in electroche- 
mical processes is determined by the change of the Helmholtz free 
energy or Gibbs free energy rather than by the heat effect of the cor- 
responding chemical reaction (the Thomson principle). The change of 
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the Helmholtz free energy or Gibbs free energy is a function of heat 
effects, which may be introduced into Eqs. (1.25) and (1.26), this 
making it possible to determine the range of applicability of the 
Thomson principle. According to expressions (1.44) and (1.12) 


os 
() =s (1.27) 
and 
6G 
(570 —5 (1.28) 
Using Eqs. (I.7) and (1.8), we therefore get: 
5 95 
F Ur Gr). (1.29) 
: 40 
GaN-+-T (55), (1.30) 
or 
zr oA 
aß = CT (SP) (1.31) 
Li . G 
AG, — —Qp () (1.32) 


where Qy and Qp are thermochemical heat effects at constant volume 
and at constant pressure, respectively. 

Equations (1.29) through (I. 32) are known as the Gibbs-/Telmholtz 
equations. For electrochemical systems these equations should be 
rewritten in the form: 


2FEy =Qy -+2FT (Fa (1.33) 
and 
m » E 
2FEp = GY LF (27) (1.34) 


From Eqs. (1.33) and (1.34) it follows that the Thomson principle is 
valid only in those cases where E/ = O or T = OK. The emf of 
electrochemical systems is measured at temperatures much higher 
than absolute zero, and E/T 5&0, i.e., this principle has limited 
application [for rough calculations, where the temperature coeflici- 
ent of the cell emf is small (see Table I.1)]. The temperature coeffi- 
cient of the cell emf may he either positive or negative. If AE/AT > 
>0, then zFE > C, and the system will transform into electrical 
energy not only the heat corresponding to the heat effect of the reac- 
tion but also the additional amount of heat, equal to zFT (EJ). 
which is taken up from the surroundings (see cells 2, 3, and 5 in 
Table I.1). In the case of adiabatic work of the system, i. e., under 
conditions of thermal insulation, when no exchange of heat with the 
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TABLE I.1 


Thermodynamic Characleristics of Some Electrochemical Systems 


J E LE ee 
| 2 F 
FEE Z 
8 = = oe 
z Cell d » „ EE 
= E RE 85 3 
3 z * xz 25 Io ož 

JJC ee ee 

1.0934 55. 189|-4.29] — 50.440 


Zn/ZnSO scanty ICUS 5 csan E. 15 | 
3.770 


2 | Ig, Hg.0/0.01 VKOIU; 18.5 [u.1638—3.710| 8.37 
9.01 KCl/Hg;Cl,. Hg ! 

3 | Ag. AgCVHCLHg.Cl.. Hg 25.0 100.0465 1 270} 2.39 ~ 1.050 

4 En/ 100 IO, ZnCl AgCl, Ag 0.0 {1.015 | 57.830 —4.02 —46.820 


5 lpb/Pb(CI4COO),//Cu(CH3COO).Cu, 15 
lie 1 i 
surroundings is possible, the temperature of the system falls. If 
AE AT « U. then zF£ < Q and part of the reaction heat will be 
dissipated or spent on heating the cell in an adiabatic process (see 
cells 1 and 4 in Table I. 1). If AZ /AT > 0 and Q « 0, the cell will 
absorb all the necessary quantity of heat from the surroundings or. 
when the cell is thermally insulated, it will cool off (see cells 2 and 3 


in Table 1.1). 
ons of the cell emf taking account of the 


For quantitative calculati 
heat equivalent of electrical energy and the Faraday number, 


Eqs. (1.33) and (1.34) may be rewritten as: 


pium 16.520 itd 21.960 


T Qv : ðE E 
Ev — sois T (), (1.35) 
and 
„ Qp 3E 20 
Ep» gio T Cor), (1-36) 


For the practical use of Eqs. (1.33) through (1.36) it is necessary to 
benr in mind that they are applicable only to reversible electroche- 
mical systems. For this reason, when studying the temperature 
dependence of the emf one must avoid using electrochemical systems 
with a liquid junction, since the diffusion potential arising on this 
junction (liquid junction polential) is not an equilibrium potential 
(see page 150). A small inaccuracy in emf measurements arising from 
the presence of a liquid junction potential leads to considerable 
errors, since at z = 1 an error of 1 millivolt is equivalent to 23 cal. 
Similarly, an error of 1 x 10-5 V/deg in the determination of the 
temperature coefficient is equivalent to about 7 cal at 25°C and z = 1. 
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1.2.2, RELATION BETWEEN ELECTRICAL 
AND CHEMICAL ENERGIES IN REVERSIBLE CELLS 


The electrical energy involved in electrochemical systems is asso- 
ciated with chemical transformations and hence with the chemical 
energy of the reaction. Like any other form of energy mechanical, 
thermal, electrical, etc. — chemical energy may be represented as 
a product of two factors: intensivity and exlensivily. or capacity. 
By analogy with electrical energy (where the intensivily factor 
is the electrical potential, and the capacity factor, the quantity 
of electricity), the chemical energy of each component of a system 
under consideration, for example, ils ith component, is resolved into 
the chemical potential p, (intensivity factor) and the mass mi, 
or the number of particles of a given species n; (capacity factor). Ins- 
tead of Eq. (1.9) we may write the expression 


dU = TdS — PdV + Zudnj (1.37) 
and the summation should be carried out over all the participants 
of the electrochemical reaction. 

Equation (I.37) may also be represented as 
(20. .(3U. yas (oY ‘ 
dU = (3s ) 1 Gy Jord +2 ( In y v. a- d, (1.38) 
where (QU/Ón)s v. n. = , V = Zn, and n“ signifies that the 
masses of all the components, except the ‘th one, remain constant. 


Equations (1.10) through (I. 12) may be transformed in a similar 
way: 


as [ord dE e (ar). xP +E (ona pwd (L39) 


oG i aG 0G 

dG = (57), ít + (ar) yy GP HE (ade Pon’ 
Here the third term on the right-hand side of each of these equations 
corresponds to the change of chemical energy in a corresponding 
chemical reversible process, i. e., to the quantity Xp,dn,. Hence, the 
chemical potential is a partial quantity and may be defined as a chan- 
ge in the thermodynamic function with respect to the number of 
particles of a given component provided that the number of parti- 
cles of all other components and the parameters (entropy, tempera- 


du, (1.41) 


O From the ox pression (1.40) at constant lemperature and volume it follows 

that 
dr, y= * ns vis dn, Ti dn, 

and 

Fr. v Tn 
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ture, pressure) characterizing a particular thermodynamic function 
are constant. It may be considered, as a certain approximation, that 
the chemical potential expresses the fraction of energy (internal 
energy, heat content, Helmholtz free energy or Gibbs free energy) 
per one particle or per unil mass if instead of the number of particles 
n, use is made of the mass m, of a given component. Al constant tem- 
perature and pressure Eq. (1.41) reduces to 


0G 


dG,, p — 2 (zx). p, w du = Li dns (1.42) 
or, afler integration, 
Gr,» Thin (1.43) 
Differentiation of Eq. (I.43) gives 
dGr,p = È pdn + Endy, (1.44) 
From Eqs. (1.42) and (1.44) it follows that 
In dp, = 0 (1.45) 


Equation (1.45) is called the Gibbs-Duhem equation. A comparison 
of Eqs. (1.24) and (1.42) shows that if the reaction taking place in 
a syslem corresponds Lo a current-producing (electrochemical) pro- 
cess, Lhen 

—zF dE = Zyjdn, or zFE = n. (1.46) 


Equation (1.46) expresses a relation between the electrical energy 
of an electrochemical system and the chemical energy of a chemical 
change occurring in the system. This equation also reflects the 
relation between the electrical energy and the chemical composition 
of an electrochemical system. 


1.2.3. IRREVERSIBLE ELECTROCHEMICAL SYSTEMS 


We have assumed so far that au electrochemical system is in a sla- 
te of thermodynamic equilibrium. If a measurable electric current J 
is passed through a system, the latter is no longer tliermodynami- 
cally reversible and begins lo function as a galvanic or electrolytic 
cell. Since the useful work done by the system under irreversible 
condilions is always less than ils maximum work in a reversible 
process, the electrical energy generated by the galvanic cell will be 
less than the maximum work: 

(BFE co x W (1.47) 


or 
(EE e < FE (1.48) 
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The quantity (Ej)sc is called the voltage of the galvanic cell and desig- 
nated as Uge. The energy corresponding to the difference sF (/ — 
— Uge) is dissipaled as heat. Conversely, if the electrochemical sys- 
tem operates as an electrolytic cell under a current load J, then not 
all the electrical energy imparted to the system but only part of it 


is converted into the useful energy of the chemical reaction. In this 
case 


(ZL EDI (1.49) 
or 
(ZEE ee > zFE (1.50) 


The quantity (Zi) is termed the cell voltage aud is denoted as Ute. 
The energy corresponding to the difference zF (U 
ted as heat. 

In contrast to the reversible value of the emf, E. the E, quantities, 


i.e. Us, andl U.c, cannot be estimated on the basis of thermodynamic 
calculations alone. 


cc — E) is dissipa- 


PART ONE 


Equilibrium in Electrolyte 
Solutions 
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CHAPTER 


Theory of Electrolytic Dissociation 


1.1. PRINCIPLES OF THE THEORY OF ELECTROLYTIC 
DISSOCIATION 


The first quantitative theory of electrolyte solutions, i. e. solu- 
tions of substances capable of conducting electricity, was suggested 
by S. .\rrhenius in the period 1883-87. The theory was further deve- 
loped in the works of W. Ostwald, P. Walden, L. Pisarzhevsky and 
others. It is based on the following three postulates: 

1. Certain substances. called electrolytes. are capable of splitting 
into oppositely charged particles (ions) when dissolved in approp- 
riale solutions, say, in waler (which was originally referred to in 
Arrhenius’ theory). 

Splitting of electrolytes into ions 
process of electrolytic dissociation. Hence 
theory tlie theory of electrolytic dissociation. 

This basic postulate had been put forward by many investigators 
before Arrhenius. Grotthus wrote as far back as 1818: “...the splil- 
ting up of molecules (for example, molecules of water and the mole- 
cules of common salt dissolved in it) into elementary particles takes 
place even before an electric current is applied to the solution. In 
the liquid itself there must operate constant galvanism owing 10 the 
presence of different types of elementary particles...“ Dissolution 
of the salt was treated by Grotthus as “the ability of the salt to split 
up into its polar eleclrical elementary particles". 

The number of ions v formed on dissociation of an electrolyte 
molecule as well as the magnitude and sign of the charge 2 of Lhese 
ions depend on the nature of the electrolyte. Electrolytes may accor- 
dingly be classified into the following types: 

(a) Binary electrolytes dissociating into two ions. If both ions are 
univalent as, for example. in the dissociation of sodium chloride 
NaCl. then such an electrolyte is called uni-univalent and designated 
as a 1 : í electrolyte; if the ions are bivalent, as is the case with zinc 


on dissolution was named the 
the name for Arrhenius’ 
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sulphate ZnSO,, the latter is called a bi-bivalent electrolyte (2:2 
electrolyte), etc. Binary electrolytes are symmetrical electrolytes, 

(b) Ternary electrolytes giving rise lo three ions on dissociation. 
These include uni-bivalent (e.g. Na2SO,) and bi-univalent (c.g. 
CaClz) electrolytes. They are designated, respectively, as 1 : 2 and 
2:1 electrolytes. 

(c) Quaternary electrolytes dissociating into four ions. To this 
group belong uni-trivalent (e.g. K3PO,) and tri-univalent le.g. 
AI(NO3),] electrolytes. They are abbreviated, respectively, to 1: 3 
and 3 : 1 electrolytes. Ternary and quaternary electrolytes are non- 
symmetrical. 

2. Electrolytes do not dissociate completely into ions on dissolu- 
Lion. Only a certain part of the dissolved molecules is present as ions. 
The fraction of the total number of molecules which are dissociated 
into ions al equilibrium is the degree of dissociation a. The degree of 
dissociation is equal to the ratio of the number of molecules n dis- 
sociated into ions to the total number of dissolved molecules V 
(ionized n and unionized n, molecules): 

n n 


& = = = 


N^ n-m 


The degree of dissociation of a substance dissolved in a giver sol- 
vent depends (at constant temperature and pressure) on the nature 
and concentration of this substance. If a substance does no! di«-oci- 
ale into ions on dissolution (n = 0, n, = N, «a = 0), it cannot be 
regarded as an electrolyte. If & is close to unity, then „ ~ V and 
the substance is a strong electrolyte. For many chemical compornds 
O d K l, and hence n « N. Such compounds are weak eiectro- 
lytes. 

The theory of electrolytic dissociation relates the qualitative 
changes observed in electrolyte solutions when the concentration 
increases or decreases to the change of the degree of dissociation. 
The degree of dissociation is treated by this theory as one of the prin- 
cipal quantitative characteristics of an electrolyte solution. 

Another quantitative characteristic is the dissociation constant K 
of an electrolyte. The relation between the dissociation constant. K 
and the degree of dissociation @ can be established by using. for 
example, a binary electrolyte MA. which dissociates according to 
the reaction 


MA = Mt + AUC 


Let the total concentration of the electrolyte be c, the concentration 
of undissocialed molecules ca, that of cations c+, and of anions c.. 
Then 


Ka St (1.1) 


ta 
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If the degree of dissociation al the given total concentration c is ce, 
then c4 = c. = dec. and ca = (1 — ccc) c. Hence 

ecd (1.2) 


1— te 


If the concentration c is replaced by the inverse quantity. the dilu- 
tion V. then 
at 
= . — |. 
K 1—ayV ( 3) 

Equations (1.2) and (1.3) were derived by Ostwald and are known 
as Ostwald's dilution law. 

Unlike the degree of dissociation, the dissociation constant does 
not depend on concentration and is determined primarily by the 
nature of an electrolyte. Ata, < 1 the degree of dissociation & and 
the dissociation constant K are related as follows: 


a V LVR (1.4) 


3. No forces of interaction operate between ions, and electrolyte 
solutions behave like ideal gas systems. Though nol stated explicitly 
by the authors of the theory, this principle underlies all the quan- 
titative relationships involved. 

Using these three postulates, the theory of electrolytic dissociation 
essfully explained a number of properties of solutions. provided 
heir quantitative characteristics and interpreted numerous experi- 
mental facts and laws. 


au 


1.2. APPLICATIONS OF THE THEORY 
OF ELECTROLYTIC DISSOCIATION 


The theories of electrical conductance and diffusion in electrolyte 
solutions. the osmotic theory of generalion of emf, etc., have been 
developed on the basis of the concepts of electrolytic dissociation. 


1.2.1. THE OSMOTIC PROPERTIES OF ELECTROLYTES 


Electrolytic solutions are known to exhibit certain anomalies as 
regards osmotic pressure, vapour pressure above the solution. vari- 
alion of boiling and freezing points (elevation of the boiling point 
and depression of the freezing point) with composition, etc. The 
effects observed in all these cases are different from those to be expe- 
cted al a particular mole fraction of the solute, and correspond to 
higher concentrations of the latter. In this connection van't Hoff 
suggested introducing an empirical factor i (i > 1) by which the 
concentration should be multiplied to obtain agreement between 
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theory and experiment. If this factor is taken into account, the equ- 
ation for osmotic pressure à in electrolyte solutions, for example, 
will assume the following form 


a iR Te (1.5) 


where H is the gas constant. 

The physical meaning of the empirical factor i, known as the 
isotonic factor, remained obscure until the theory of electrolytic 
dissociation was developed. In the Arrhenius theory this factor is 
regarded as a measure of the increase in the total number of particles 
in the solution which occurs when the solute dissociates into ions. 
The isotonic factor must therefore be a function of the degree of 
dissociation. Thus, if one molecule of an electrolyte splits into v 
ions and « is the degree of dissociation, then the true number of 


particles given by the product ic (where c is the molar concentration 
of the electrolyte) will be: 


ic = (1 — ce) c + vac (1.6) 
whence 


t=tl—atva,=1+a.(v — 1) (1.7) 


Equation (1.7) relates the isotonic factor (van’t Hoff's factor) to 
the degree of dissociation. For strong binary electrolytes a. - 1 and 
v = 2, from which i = 2, and consequently the actual concen! ration 


of particles will be twice as high as the molar concentra! 


ion ef the 
solute. 


1.2.2. THERMOCHEMICAL EFFECTS 
IN ELECTROLYTIC SOLUTIONS 


As was found by Hess in 1842, the thermal effects of chemical 
reactions in electrolytic solutions also show certain anomalies. 
Thus, the heats of neutralization of strong acids by strong bases are 
constant and practically independent of the nature of an acid or base. 
despite the fact that their mixing produces entirely different salts. 
For instance, the neutralization of aqueous nitric acid by potassium 
hydroxide yields a solution of polassium nitrale: 


HNO, + KOH = KNO, + H-0 -:- 0, (1.8) 


and the neutralization of aqueous hydrochloric acid by sodium 
hydroxide results in a solution of sodium chloride: 


HCl -+ NaOH = NaCl -+ H;0 -+ G (1.9) 


In spite of this, the measured heats of formation of both salts are 
Practically the same, i.o., Q, = Op 
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The mixing of sall solutions involves no noticeable thermal 
effect, though exchange reactions may give rise to new compounds, 
as, for example, in a reaction between potassium chloride and 
sodium sulphate: 


2KCl + Na;SO, = K2S0, + 2NaCl + Q 


The heat effects for this and many other similar reactions are prac- 
tically nil. 

According to the theory of electrolytic dissociation such experi- 
mental thermochemical regularities are accounted for by the fact 
that salls as well as strong acids and bases almost completely dis- 
sociale into ions in water and in a number of other solvents. i.e., 
for these substances &. = 1. Under these conditions the reaction 
of neutralization reduces to the formation of water from H“ and OH- 
ions; the base cation and the acid anion remain unchanged and are 
present as free ions as before. Indeed. if we rewrite the above reac- 
tions of neutralization in an ionic form 


H* + NO; + K + OH- = K* + NO; + II20 (1.10) 
H+ + Cl- + Na! + OH- = Na* + Cl- + HO (1.11) 


and cancel out those particles that undergo no change, the process 
that is actually taking place in both cases will then be the reaction 
between hydrogen and hydroxyl ions: 


H+ + OH- = H0 (1.12 


involving a characteristic thermal effect. When solutions of diffe- 
rent salts with degrees of dissociation close to unity are mixed, the 
resulting solution will retain the free ions from the initial solutions. 
No chemical transformation takes place in this case and hence no 
heat effect is observed. 


1.2.3. CHEMICAL EQUILIBRIUM IN ELECTROLYTIC 
SOLUTIONS 


The theory of electrolytic dissociation has made it possible to 
supply scientific definitions for the concepts "acid", "base". "solu- 
tion bufler capacity", to develop the theory of indicators, to elu- 
cidnte the processes of step dissociation, hydrolysis of salts, etc. 

Some examples of the application of this theory !o chemical equi- 
librium in solutions are discussed below. 

Electrolytic Dissociation of Water. The dissociation of water 
proceeds according to the scheme: 


HzO = H* + OH- (1.13) 


38 Part One. Equilibrium in Electrolyte Solutions 


and its dissociation constant may be expressed as 


Cires, - 
1+°OH 

K AI 
1 


Since the degree of dissociation of water is very small, Clio May 
be taken as constant and included in the dissociation constant: 


(4.14) 


Kenzo = ccon- = Kw (1.15) 


Equation (4.15) is called the ionic product of water. At 25°C, K 
—107!! and consequently : 


CH+Con- = 10711 


v = 


According to the theory of electrolytic dissociation hydrogen ions 
are carriers of acidic properties and hydroxyl ions are carriers of 
basic properties. A solution is neutral, that is. neither acidic nor 
alkaline, if cn. = con- = VR. At 25°C, the quantity K is equ- 
al to 10-1 so that for a neutral solution cm- = 107 gram-ions/litre 
and con- = 10-7 gram-ions/litre. If use is made of the term pH 
suggested by Sorensen in 1909, which isa negative common logarithm 
of the hydrogen ion concentration (pH = —log ens). a pH value of 
7 will then correspond to neutrality. A solution is acidic at ph <7 
and alkaline at pH > 7. 

It must be remembered that a solution of pH = 7 will be neutral 
only at 25°C. In using the pH scale one should keep in mind thal the 
dissociation constant © of water Au varies greatly with temperature, 
increasing almost hundredfold between 20 and 100°C: 

t. °C 20 30 60 7U 80 s /— [qon 

2 


Ky, X 104 0.681 1.47 9.61 15.8 251 Bs. M 5.0 


For this reason the point pH 7 will correspond to an acid solution at 
temperatures below 25°C, and to an alkaline solution al temperatures 
above 25°C. 

Since the hydrogen ion concentration serves as a measure of aci- 
dity, the strongest in a series of acids will be the one whose hydrogen 
ion concentration is the highest at equal molar concentration. The 
hydrogen ion concentration is defined as «.c and hence «e is a measu- 
re of strength of an acid. It is quite obvious that €, is also a measure 
of strength of a base. 

In addition to the dissociation constant K 
K of water, there is still another import 
namely the equilibrium constant Kmo co 


and the ionic product 
ant characteristic of water, 
rresponding to the reaction 


HO +- H0 E H,0*-- OH- 
k 


b The indicated values of K,, correspond to the ionic product of water 
expressed in terms of ionic activity instead of ionic concentration (see Chap. 2). 
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The value of this constant 


-> 


k 
Ro 
k 


often called the autohydrolysis constant, nt 25°C, is 2 x 10-5 mole -li- 


tre-!; k and & are the rate constants for a forward and a reverse reac- 
tion, respectively. 

Buffer Capacity of Solutions. The hydrogen ion concentration 
(pH) plays an important part in many phenomena and processes. 
Certain physicochemical and biochemical phenomena occur only 
at definite pH values. Numerous chemical reactions proceed in the 
desired direction only at some definile pI value, which must there- 
fore be kepl constant. 

The resistance of a solution to pH change on addition of an acid 
or alkali is known as buffer action (solutions exhibiting this behavio- 
ur are called buffer solutions). The effectiveness of buffering of a solu- 
Lion is measured by its buffer capacity B, which may be defined as the 
amount 5 of an alkali (or an acid) in gram-equivalents required to 
cause a unil change of pH. The buffer capacity B may be expressed 
in differential form as follows: 


db `; 
6 = Apll (1.16) 


For pure waler the number of gram-equivalents, b. of alkali added 
must be equal to the concentration of alkali cation cz. Since the 
concentrations of hydrogen and hydroxyl ions are equal for pure water 
(eit con-) and a strong alkali is completely dissociated, then 


K 
cys = b = cou- en: CH 
cen; 


Differentiation with respect to pH (i. e., with respect to —log ci) 
gives D 


p= oi 2.303 (cue . gi.) = 2.303 (ene cou) (1-17) 
H* 


This equation is valid for any aqueous solution of a strong acid and 
a slrong base (alkali). Indeed. if a certain amount b (g-eq) of a strong 
base MOH is added to a solution of astrong acid HA, then this amount 
b will correspond to the concentration of metal ions, b = cx. 
as the degrees of dissociation of the acid and base and of the resul- 
ting salt are equal to unity. According lo the law of electroneutrality 


cus + ch. = b + cm = Ca- con- 
1) Differentiation is easily carried out if one takes into account that 


deye 
Che 


2.303pH = — ln cy, and dlneg,— 
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or 
b = ca- + con- — em 


from which, taking into account that the concentration of acid ani- 
ons c- is independent of the amount of base added, we obtain for 
the buffer capacity 


p= dem = 2.303 (cn. + con-) 


which is identical to Eq. (1.17). From Eq. (1.17) it follows that the 
buffer capacity of pure water (or a solution containing a salt of 
a strong base or acid) is very low. Buffer capacity becomes noticeable 
if an excess of a slrong acid or base is present in the solution. 

Buffer capacity increases in the case of solutions of weak acids or 
weak bases, especially in the presence of the corresponding salts. 
If we add b g-eq of a strong base to a solution containing originally 
a g-eq of a weak acid (a being greater than 5), then 


a = CHA + c (1.18) 
and 


b = ca- + con- — en (1.19) 


On the basis of Eq. (1.18) the dissociation constant of the acid, 
which is equal to 


HAS A (1.20) 
may be represented as 
, CTC A- 
Kn = E (4.21) 


Solving the last equation for ca- and substituting its value into Eq. 
(1.19), we get for the number of gram-equivalenls of the base: 


aKya 


=k T con- - e 
Kua Ten. 1 " 


whence it is easy to arrive at the buffer capacity 


4 2 303 len- , | 
Bo apr 2.303 aatan t eteo] (128 
Since e- 


> 0, the buffer capacity of a solution of a weak acid 
(Kira Fey? ! 


and its salt is always higher than that of water, a salt solution, or 
a solution of a strong acid or a strong base, for which formula (1.17) 
is valid. In this case tho quantity B must depend on the dissociation 
constant KNA of tho weak acid. Solutions containing mixtures of weak 
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acids and their salts (or weak bases and their salis) are used 
to prepare so-called standard buffer solutions. Analysis of Eq. (1.22) 
shows that the solution of the weak acid in question must have the 
greatest buffer capacity in the pH range close to pKya, i.e., p= 
= Bronx at pH = pKua. For example, for acetic acid (HAc) Kitac = 
= 1.76 x 107, pKitac = 4.77 and the maximum buffer capacity 
will be observed at pfl values around 4.8. A standard buffer solution 
of high buffer capacity in a wide pH range can be prepared by selec- 
ting acids with different. values of pKya. Buffer solutions are used 
for measuring the pH of solutions as well as for carrying out various 
chemical processes at constant pH values. 


1.3. SHORTCOMINGS OF THE THEORY 
OF ELECTROLYTIC DISSOCIATION 


[n its early stages the theory of electrolytic dissociation made 
great advances within a short period of time. It should however be 
noted that, along with the brilliant successes achieved, there have 
been weighty failures pointing to certain drawbacks of the theory. 

The degree of dissociation Ge, which determines the fraction of 
ionized molecules in a solution, should be the same under the given 
conditions (irrespective of the method of its measurement). Accor- 
ding to its physical meaning ¢ must always be between O and 1. 


TABLE 1.1 
The Degree of Dissociation of Some Electrolytes 
Based on Measurements of Conductance (u:) 
and Osmotic Pressure (az) 
—  — 
a | ae 


Electrolyte | c, g-eq/Iitre 


— —— —ͤ 1. — 


KCl 5x 1073 0.936 0.963 
KCl 1x10-2 0.941 0.943 
KCl 210-2 0.922 0.918 
KCl 510-2 0.889 0.885 
BaCl, [x 1071 0.751 0.788 
MgSO, 1x1071 0.434 0.324 
La(NOs)s 1 x 10-* 0.920 0.946 
La(NO3)3 1x 10-5 0.788 0.865 
La(NO3) 1x 1072 0.635 0.715 


od M CE 


How well this agrees with experiment can be seen from Table 1.1, 
which compares the values of ce found by measurements of osmotic 
pressure and electrical conductance for a number of electrolytes. 
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The best agreement between the degrees of dissociation qe deter- 
mined by the indicated methods is found in the case of dilute solu- 
tions of uni-univalent electrolytes. Increasing the electrolyte concen- 
tration or passing to ions of higher valency affects the agreement bet- 
ween the values of a, and gz (sce Table 1.1), the difference exceeding 
possible experimental crrors. 

The values of a, for solutions of hydrochloric acid calculated on 
the basis of measurements of conductance (gi) and electromotive 
force (c) are listed in Table 1.2. 


TABLE 1.2 


The Degree of Electrolytic Dissociation 
of HCI from Conductance (a) 
and Electromotive Force (as) Measurements 


€, . 
moldsittre E | "3 
— . — — 
0.003 | 0.986 0.990 
0.08 0.957 0.880 
0.3 0.903 0.713 
3.0 — 1.402 
6.0 — 3.4 
16.0 — 13.2 
——— ̃ ̃ 


The discrepancy between the values of Ae oblained by these met- 
hods also increases with increasing electrolyte concentration. Qa 
being greater than unity in the range of high concentrations. From 
the viewpoint of the Arrhenius theory, this result vould make no 
sense because in this case a greater number of molecuies must have 
been dissociated into ions than are actually present in the solution. 
For instance, in 6.0N HCl the number of particles split into ions is 
found toexceed by a faclor of 3.4 the number of all the HCI molecules 
present and in 16.Y HCI, by a factor of 13 and something. Hence, 
here the degree of dissociation 9 loses the physical meaning ascribed 
to it by the Arrhenius theory. 

A second quantilative characteristic of an ele 
nius theory is the dissociation constant. which must remain constant 
for a given electrolyte at a specified temperature and pressure, irres- 
peclive of the concentration of the solution. The values of the disso- 
ciation constant for several solutions of differing concentration are 
given in Table 1.3. Only for very weak electrolytes (o.g., solutions 
of ammonia and acetic acid) does the dissociation constant remain 
more or less constant upon dilution. For strong electrolytes (o.g., 
potassium chloride and magnesium sulphate) it varies by tens of 
times and cannot therefore be regarded as a constant. 


clrolyte in the Arrhe- 
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TABLE 1.3 


The Dissociation Constants of Some Electrolytes 
at Various Concentrations 


—— — 
e geeq/itre | kei xxi | RES | tos | gd 
—— —— — —ääh 
1.000 10-1 1.28 2.35 1.06 zx 
2.200 1071 1.96 3.23 — — 
2.879 107! — — — 1.885 
1.00010 4.56 6.01 1.50 x 
1.151 x 10-3 — = = 1.850 
2.303% 10-3 = — — 1.849 
5.000 1073 10.51 10.46 — — 
1.000: 1072 15.10 13.29 1.68 — 
1.842 * 10 — — — 1.849 
3.685 x 10-2 — = — 1.551 
5.000 x 102 35.97 24.66 — — 
1.000 K 1071 53.49 33.34 1.92 — 


LLLA S 


The theory of electrolytic dissociation thus appears to be applica- 
ble only to dilute solutions of weak electrolytes. The behaviour of 
concentrated solutions of weak electrolytes and of solutions of strong 
electrolytes of any concentration cannot be described quantitatively 
on the basis of the theory proposed by Arrhenius. The degree of dis- 
sociation does not have the physical meaning assigned to it by the 
Arrhenius theory. The dissociation constant is not constant, but is 
a function of the solution concentration. 

A fundamental deficiency of the Arrhenius theory is the fact thal 
ii does not indicate the factors responsible for the ionization of 
c'ectrolyles in solution. The process of ionization however requires 
à considerable amount of energy. This can be exemplified by such 
a (ypical electrolyte as potassium chloride. It is known that the 
honding between the atoms in a KCl molecule is electrostatic and 
that potassium and chloride ions are located at the points of its 
erystal lattice. The bond energy for ions in a single molecule may 
be represented as an inlegral 

$ 2 
es ez 
r 


where r = distance between ionic centres in molecule 


e = ionic charge. 
Assuming r equal to 2.79 A, which corresponds to the KCI lattice 
constant, we gel 
2 (4.803 x 10-10)? 
7 ^ 239x103 
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or, in terms of a gram-molecule, 
Na 2 = 4.98 x 10! erg/mole = 119.0 kcal/mole! 


At the same time the average amount of thermal energy stored in 
molecules at 25°C is about 3.4 kcal/mole. Using these values and ap- 
plying Boltzmann's formula, one can express the number of parti- 
cles n, possessing an amount of energy sufficient to split them into 
ions, through the total number of particles N of potassium chloride 


19 


n=Ne 34 = NeS®= N.10715 


The degree of dissociation, defined as the ratio n/N, is then equal 
to 10-715, 

The value of c for an aqueous solution of potassium chloride is 
known to be close to unity, i.e., almost each of its molecules is 
dissociated into free ions. The process of dissolution must evolve an 
amount of energy sufficient to break the bonds existing in the mole- 
cule before its dissociation into ions. However, neither the source 
nor the nature of this additional energy is considered by the classical 
theory of electrolytic dissociation. 

The limited range of applicability of the theory of electrolytic 
dissociation, che disagreement between experimental values of & 
and K and their physical meaning within the framework of this 
theory, and the obscure explanation of the main process could not 
but cause criticism. The essence of this criticism and the possible 
ways of improvement of the theory of solutions were outlined by 
Mendeleyev. He wrote in "Fundamentals of Chemistry" tha: the cri- 
tical flaw in the theory of electrolytic dissociation as well as the cause 
of all its shortcomings lies in the neglect of the interaction detween 
solute particles and between solute and solvent. He pcinied out 
that not only the processes of dissociation but also those of lozmation 
of new compounds involving the participation of solvent molecu- 
les are essential to solutions. These ideas were further developed at 
the close of the last and the first quarter of the present century by 
a number of workers (Konovalov, Kablukov, Kistyakovsky, Pisar- 
zhevsky, Noyes and others). They formed the basis of the modern 
theory of solutions. The quantitative formulation of the idea of ion- 
ion and ion-solvent interactions was given much later. 
o 


» Tho lattice energy of crystalline KCl will of course differ from this value. 


Preciso calculations will not however chango the final results to any considerablo 
extont. 


CHAPTER 2 


Theory of lonic Interaction 


2.4. IONIC ACTIVITY AND ACTIVITY COEFFICIENT 


An analogy may be found in the development of the theory of 
electrolytic solutions and the theory of the gas state of aggregation. 
In either case it was originally thought that the system behaved like 
an ideal one and that no forces of interaction existed between its 
constituent particles. The application of the laws obtained on the 
basis of these conceptions led to considerable disagreement between 
theory and experiment. In connection with this, it was suggested 
that the simple equation of the gas state 


PV = RT 


be replaced by other, more complicated, equations taking into acco- 
unt the forces of interaction between the particles. One of these was 
the van der Waals equation 
(P v) (V—b)=RT 

where a and b are corrections, respectively, for the forces of mutual 
atiraction and the final volume of gas particles or, to a first approxi- 
mation, for repulsive forces. 

‘vie development of the theory of solutions could have followed 
a similar path. Bul it took quite a different turn. The form of the 
equ. ions describing the properties of solutions remained unaltered, 
but noir applicability to real systems was ensured by introducing 
quatilies taken from experiment in place of the conventional quan- 
lit ies characterizing a system (pressure, concentration). Thus, vapour 
pre sote is replaced by a quantity known as volatility or fugacity. 
and concentration by a quantity called activity. For example, accor- 
ding to Lewis. Eq. (1.20), which defines the dissociation constant of 
a weak acid and is valid for ideal systems, can be made applicable to 
real systems by rewriting it as follows: 
1 (2.1) 

4HA 
It can easily be seen that though this equation coincides in form 


with Eq. (1.20), it correctly describes the behaviour of a real solu- 
tion. This is because Eq. (2.1), as distinct from Eq. (1.20), contains 


Kita = 
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not the concentrations of ions c... and c. and of undissociated electro- 
lyte molecules cg. but the corresponding activities a+, a. and ag. 
Activily values are selected so that the dissociation constant rema- 
ins the same. irrespective of the total concentration of the electro- 
lyte. Unlike the dissociation constant K. given by Eq. (1.20), the 
dissociation constant K, will therefore be a true constant for a given 
electrolyte at a definite temperature. 

There are three ways of expressing activities, corresponding to 
the three methods for expressing the quantitative composition of 
a solution (Table 2.1). 

TABLE 2.1 


Methods Used for Expressing the Composition of 
a Solution Through Concentration and Activity 


Symbol for 


Scale Definition concen- | acti- 
tration vity 
— ———M——— — M 
: mole 
Molarity ———————— c a. 
3 litre of solution j 
: mol 
Molality © m 5; 
kg of solvent 
" number a es of solul 
Mole — fraction mber of nole of olite n wy 
(rational sen- total number of moles in solution 
le) 


— — — . — 


The concept of activity differs from that of concentration in that 
it includes the forces of interaction existing in solutions and inde- 
pendent of the nature and concentration of the solute particles. 
Activity may therefore be defined as the product of concentration 
and a certain variable known as the activity coefficient: 


Ge = Chey am = Mfm, ay = Nf y (2.2) 


where f. = molar activity coefficient 
Im = molal activity coefficient 
fy = rational activity coefficient. 

The activity coefficient contains a correction for the forces of 
interaction, 

The activity of a single ionic species, and hence its activity coe- 
fficient. cannot be determined from experimental data. Equations 
that could be employed to find activities contain the product of the 
activities of all the ions of a given electrolyte rather than the activi- 
ty of any one ionic species. For this reason the concept of mean 
activity had to be introduced, which is defined as the geometrical 
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mean of the activities of the ions constituting a given electrolyte. 
For an electrolyte dissociating into v, positive" and v. negative 
ions, the mean activity is given by 
1 
as = (aysas-) F. (2.3) 


and for a binary electrolyte 


a, = Vasa (2.4) 


The mean activily coefficients of an electrolyte dissociating into va 
and v. ions can be determined in a similar way: 


i 
a a a a (2.5) 
and, accordingly, of a binary electrolyte 
fe VI (2.6) 


The same concepts may also be applied to concentrations. For 
example. if the composition of a solution is to be expressed through 
molality. the following relations can be written, which hold for any 
type of electrolyte: 

1 1 
nde “= Hf x == [(v-)* (v.m. ) | („gen fe-) (2.7) 


or for a binary electrolyte 


mas = Y mz am. (2.8) 


Tn the case of infinite dilution the forces of interaction between the 
particles of a solute become vanishingly small. The ionic activity 
here ceivcides with concentration, and the activity coefficient is 
equal co unity, no matter in which way it is expressed, i. e. 


(ae — c)e..o 
(an = m)m-.e (2.9) 
(ax > x= 
and 
(fe = fm = fx > Ne. m, VO 


At infinite dilution (also at low concentrations of the electrolyte, 
with a certain degree of approximation) the difference in the acti- 
vity coefficients fe, fm and f y is small and it may be assumed in many 
calculations that 


fe = f = 
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The state of an infinitely dilute solution could therefore be taken 
as a standard one irrespective of the way in which concentration and 
activity are expressed. This choice however cannot be considered 
appropriate because of the resulting uncertainty in the values of 
concentrations of solutes. Instead, as the standard state we choose 
the state of an imaginary solution in which the concentration, acti- 
vity, and activity coefficient expressed by the same method are each 
equal to unity. On the molarity basis, this corresponds to a solution 
one litre of which contains one gram-molecule of the solute (c — 1), 
4, and f. being also equal to unity. If the molality system is used, 
a solution in which one gram-molecule of the solute is dissolved in 
one kilogram of the solvent will correspond to the standard state 
in this case not only m is unity, but also a,, = 1 and fm = 1. And, 
finally, if the solution composition is expressed in terms of mole 
fractions, the standard state will be a pure solute for which N — 1, 
ay 1, and fy = 1. : 

If we assume, under these conditions, that for a given electrolyte 
the standard values of ionic activities satisfy the relation 


aX sas = 1 (2.10) 


then the following expression can be obtained for the Lotal activity 
of the electrolyte as; 


ag, = av:aY- -= a^ (2.11) 

Equation (2.11) is valid for a completely or partially dissociated 
electrolyte. If X 2&1. the total activity of the electrolyte 4 will 
coincide in magnitude with the activity of its undissocialed mole- 
cules a,. 

When use is made of activity coefficients. Id. (2.1) can be rewrit- 
ten for the dissociation constant of a weak acid in the following form: 
eig. . A- eie lida 
neusta-lJa- I = U (2.12) 


ci ATA CHA hit 


From Iq. (1.20) it follows that 


Kita = 


61. A- 
——— = Ky 
CHA p 
and, consequently, 
A A- ; 
Kutaw + Kua T (2.13) 
or 
PK iiaa = PKna — 2 log fama cr log Fra) (2.14) 


Since the activity coefficient of uncharged particles varics with 
solution composition much slower than that of ions, and is but sligh- 
tly different from unity in the range of moderate concentrations. 
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Eq. (2.14) can be replaced by an approximate expression: 


pKgac, = pKna — 2 log facia) (2.15) 


Equations (2.12) to (2.15) establish a relation between the values 
of the dissociation constant expressed in terms of activily and con- 
centration. A similar relationship can also be established for other 
cases of chemical equilibrium in ideal and real solutions. For exam- 
ple, the pH value for real solutions must be equal to the negative 
common logarithm of the activity of hydrogen ions: 


pli = log an- (2.16) 
substituting the product cn for an;, we get 
pH ay) = pli — log In- (2.17) 


Equation (2.17) however is applicable only to dilule solutions, 
for which the activity coefficients of individual ions can be deter- 


mined. 


2.2. EXPERIMENTAL DETERMINATION 
OF ACTIVITY COEFFICIENTS. 
IONIC STRENGTH OF SOLUTIONS 


Activity coefficients can be found by comparing analytical con- 
centrations with those quantities which should be substituted into 
equations for electrolytic solutions in order lo provide agreement 
with experiment. Tl must be remembered that activity coefficients 
may be different, depending on the state of the electrolyte and bence 
on the nature of the forces of interaction. The character of interac- 
lion («ud the relevant correction factor) depends on whether the 
electro! ste solution is at equilibrium or under the action of an exter- 
nal elec'vic field, or in the state of unestablished equilibrium when its 
composition is not completely homogeneous. Activity coefficients 
characterize interaction forces in equilibrium conditions and should 
therefore be calculated using the results of measurements made for 
solutions in equilibrium, for instance, data on osmolic pressure. 
boiling and freezing points, electromotive force. elc. 

Unlike the degree of dissociation, the activity coefficients obtained 
by different methods agree with each other (see Table 2.2). Correcti- 
on faclors reflecting the effect of interaction in nonequilibrium con- 
ditions (e.g.. in the case of electronic conduction or diffusion) will be 
different for the same solutions. The activity coefficients given in 
Table 2.2 have been calculated from the results of vapour pressure 
measurements (/e and ,/í) and from freezing point depression 
(2/4) and emf (3/4). 

The activity coefficient of all electrolytes in infinitely dilute solu- 
lions is equal to unity. [t gradually decreases with increasing con- 


10985 
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TABLE 2.2 


Mean Activity Coefficients for KCI Solutions Obtained by 
Different Methods at 25°C 


*Kcl* mole/litre 
Activity — | — 0-jè— ee 


eoelhelent | o oor | ooi | 0405 0.1 | 0.5 1.0 2.2 | 4.5 
Ht 
TES 0.965 | 0.900 | 0.813 | 0.763 | 0.638 | 0.596 | 0.563 [0.564 
TA — — — 0.772 — - e 
274 9.965 0.899 | 0.809 | 0.762 — = — S 
alt 0.965 | 0.899 | 0.815 | 0.764 | 0.644 | 0.597 | 0.569 0.581 


— — — . . ots 


centration and becomes a minimum al a certain concentration de- 
pending on the nature of the electrolyte and the solution tempera- 
ture, F ether rise of concentration leads to an increase of the activity 
coefficient, which may even exceed unity for highly concentrated 
solutions; this is exemplified by MnCl. solutions: 


Indiz Kea litre Sx 
0.1 0.516 
0.2 0.468 
0.4 0.442 
0.8 0.445 
1.0 0.479 
2.0 0.668 
3.0 0.934 
5.0 1.550 


These results do not contradict the physical meaning of the acti- 
vily coefficient as a quantity associated with forces of ionic interac- 
lion. Indeed, at infinite dilution, when the ions are loo far apart. 
no forces of interaction exist between them. Since the solution beha- 
ves like an ideal system and the concentration does not diiler from 
the activity, the activity coefficient must be equal to unity. As the 
concentration increases the ions approach one another and forces of 
interaction arise between them, mainly the forces of mutual attrac- 
lion, and the activity coefficient decreases. AL definite concentrations 
there also arise repulsive forces in addition to the forces of attrac- 
tion. When these forces balance, which is equivalent, to a certain 
extent, to the absence of ionic interaction, the aclivily coefficient 
will again be equal to unity. At still higher concentrations the repul- 
Sive forces become predominant and the activity coefficient acquires 
values greater than unity. 

A study of the dependence of activity coefficients, and also of 
activities, on the solution composition led Lewis and his coworkers 
to the discovery of a number of important empirical laws and rules. 
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For one thing, they found that at low concentrations the mean acti- 
vity coefficients of an electrolyte are determined by the valency of 
Lhe ions formed and are independent of other properties. For instance, 
under these conditions the mean activity coefficients of potassium 
bromide, sodium nitrate and hydrochloric acid are equal. It was also 
found that the mean activity coefficients for very dilute solutions 
depend on the total concentration of all the electrolytes present and 
their valencies, but not on their chemical nature. This observation 
led to the concept of ionic strength suggested by Lewis and Randall. 
The ionic strength of solutions J is defined as the half sum of the pro- 
ducis of the concentration of ions by the square of their valency 


= Leif (2.18) 


From Eq. (2.18) it follows that the ionic strength of uni-univalent 
electrolytes coincides in magnitude with their concentration, while 
for other electrolytes it is always higher than the concentration. 
For example, in the case of a strong 2 : 2-valent electrolyte with mola- 
rity c (assuming thal « = 1 and c, = c. = c) the ionic strength is 
equal to the quadruple concentration 


= 2 (c. 2 Tc · 23) = 4c 


Lt has also been established that for dilute solutions of strong elec- 
trolytes the logarithm of the mean activity coefficient of the electro- 
lyte depends linearly on the square root of its ionic strength 


log f. = —hV J (2.19) 


‘Chis law breaks down at increased concentrations. Experimental 
data for a wide range of concentrations are presented in Figs. 2.1 
and 2.2 (see page 52). 


2.3. THERMODYNAMIC FOUNDATIONS 
OF THE THEORY OF IONIC INTERACTION 


Activity coefficients were originally introduced as empirical quan- 
tities which can be found by studying the effects characteristic of 
solutions in equilibrium. For this purpose use is made of such pheno- 
mena as the variation of vapour pressure above solulion with a change 
in electrolyte concentration, the dependence of reversible emf on the 
solution composition, and others. Since the necessity of introducing 
acliviLy coefficients into equalions for ideal systems is due to the 
difference between real and ideal solutions, their value is independent 
of the method of determination and is the same for any type of equi- 
librium with given conditions and composition. For this reason the 
same activity coefficients may be used to describe different equili- 
brium phenomena. Tables containing empirical activity coefficients 

40 


Fig. 2.1. Concentration dependence of the mean activity coefficient ofa d:d- 
valent electrolyte. (The dashed line has been plotted on the basis of Eq. (2.59)] 
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Fig. 2.2. Concentration dependence of the mean activity coefficient of 1: 2- 
and 2 : 2-valent electrolytes. [The dashed lines have been plotted on the hasis 
of Eq. (2.58)] 
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ao of great value. At the same lime, within the framework of the 
Lewis theory activity coefficients are only formal correction factors 
which bear no direct relation to the nature of solutions and do not 
lend themselves to theoretical calculations. Real solutions are known 
Lo differ from ideal ones by the presence of additional onergy of inte- 
raction between their constituent particles. Activity coefficients as 
a quantitalive ex pression of the change of electrolyte properties when 
switching from ideal solutions Lo real ones must be functions of the 
energy of interaction belween the particles. 

Activity coefficients can be related to the energy of interaction 
by means of general thermodynamic equalions. The free energy 
G of a real solution must be greater than that of an ideal solution. 


G, by au amount corresponding to the energy of ionic interaction. G*: 
G =G + G* (2.20) 


Froin Eq. (2.20) it follows that 


(Jr) MI P, „ Uns a T.n* (2.21) 


If we denote the quantity 0G*/dn, by gf and Lake into account Eq. 
(1.42). then Eq. (2.21) may be replaced by 
u; = H + gt (2.22) 


where i, and u = chemical potentials of an ith component in 
a real and an ideal solution, respectively 
gt -= parlial energy of interaction referred to the 


ith ion. 
Since, oy Eqs. (1.16) and (1.41), 
ôG 
(ap) n= (2.23) 
it follows thal 
Opi = 
(2), , 7" (2.24) 
where p; — partial pressure 
v; = partial molecular volume of an ith component. 
According to the law of ideal gases 
v, ER: 
UM 
and, consequently P. 
uy = pt +kT In p, (2.25) 


1) The composition of a solution is oxpressed hero by the number of particles 
(molecules, atoms or ions) per unit volume. The equation therefore contains 
Boltzmann's constant k in place of the gas constant A, which is N4 times as 
great as the former. 
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where uj is the integration constant or the so-called standard chemi- 
cal potential. Equation (2.25) can be transformed to read: 


; He = ple + kT Inc; 
if we consider that Nc n 6i (2.26) 


pi = ke, 
and introduce the notation 
Me = uf T kT Inks 
Equation (2.26) rewritten for a real system will have the form 


u. = uf KT In a, (2.21) 
or (since a, = cfi) 


u, = qd KT In e T kT In /, (2.28) 
Comparing Eqs. (2.26) and (2.28), we find that 


u = ni ＋ KT In f, (2.29) 
Comparison of expressions (2.22) and (2.29) shows tha! 


, „„ 06. 
kf lu fi= g? = ony Ve T.n' 
and that the activity coefficient can be delermined from the interac- 
tion energy gf. The latter can be calculated if the mutual arrangement 
of ions in solution and the forces operating belween them are known. 
Neither of these is known with sufficient accuracy. and therefore one 
has to make certain assumptions in order to solve the problem. 


(2.30) 


2.3.1. DISTRIBUTION OF IONS IN SOLUTION 
ACCORDING TO ARRHENIUS AND GHOSH 


The third postulate of the Arrhenius theory defines electrolyte 
Solutions as ideal systems. According to this postulale il should be 
assumed that the ions in solution are arranged in a random fashion 
and the interionic forces are equal to zero. This assumption leads 
(irrespective of the composition of a solution) to a single value of 
activity coefficient, namely to the quantity f. equal to unity. This 
conclusion contradicts experiment and indicates the invalidity of 
the solution model proposed by Arrhenius. 

A different view on the nature of electrolyte solutions was ex pressed 
by Ghosh, an Indian scientist, in the period between 1918 and 1920. 
According to Ghosh's theory the ions in solution are arranged in the 
same strict order as in the crystal lattice of the corresponding solid 
body. The difference lies mainly in that the distance between two 
neighbouring ions is found to be greater in solution than in the 
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original crystal. In this case Ure process of solution is identilied with 
swelling. The spaces between the ions ure lilled with solvent molecu- 
les and the inlerionic forces are weakened as a result of increase of 
the dielectric constant and of the distance between the ions. Ionic 
interactions are electrostatic in origin. 

On the basis of these and some other postulates Ghosh succeeded 
in deriving formulas for calculating the free energy of solution, 
activity coefficient. heats of dilution, etc. Within the range of mode- 
vale concentrations these formulas are in qualitative agreement with 
experiment. The premises of Ghosh's theory however do not agree 
with present-day dala on the structure of solutions and many of its 
inferences are in conflict with experimental facts. For example. from 
this theory il follows that tlie temperature dependence of the polen- 
tial energy of a solution is contingent on the variation in the dielec- 
Irie constant of the solution. In fact the potential energy of a solution 
depends directly on temperature. The results of X-ray and other 
methods of studying the structure of solutions do not support Ghosh's 
ideas that the crystal lattice of the original substances is preserved 
in electrolytic solutions. The discrepancies between the Ghosh 
theory «nd experiment should primarily be attributed to the fact 
thal no account is taken in this theory of the role of thermal motion 
which s bound to distort the ordered lattice-like structure of the 


ions. 
2.3.2. THE DEBYE-HUCKEL THEORY 


The Debye-Hiickel Model of Electrolytic Solutions. The modern 
theory of electrolytic solutions, the basic propositions of which were 
formulated by Debye and Hückel in 1922. arose as an attempt lo 
improve Ghosh’s theory. Debye and Hiickel attempted to build 
up such a concept of solutions that would reflect ion-ion interactions 
and the effect of thermal motion. It should be noted that Ghosh was 
nol the only predecessor of Debye and Hückel. Van Laar, Sutherland 
Bjerrum. Hertz, Milner and others had anticipated in their works so- 
me of the basic propositions of the Debye-Hückel theory. But these 
earlier works attracted little attention at the time and none of them 
influenced. noticeably the development of the theory of solutions. 

Debye and Hiickel accept Ghosh's basic idea that the distribution 
of ions peculiar lo crystals, where each ion is surrounded predomiuan- 
tly by ions of opposite sign. is retained in solution. As distinct from 
crystals, however. due to thermal motion the ions in solution do nol 
retain their fixed position in the lattice points. but are arranged 
-pherically around an arbitrarily selected central ion. Considering 
that the principal type of motion in solutions is translational (not 
vibrational, as in crystals), the sphere surrounding the central ion 
cannol always contain the same ions. There is continuous inlerchange 
hetween the ions contained in the sphere and other ions. Such a sta- 


m Part One. Equilibrium in Electrolyte Solutions 


tistical sphere around the central ion is called the ionic atmosphere 
or ionic cloud. All the ions in solution are equal in al] respects; each 
of them is surrounded by an ionic atmosphere and at the same time 
each central ion makes part of the ionic almosphere of some other 
ion (Fig. 2.3). It is the existence of ionic atmospheres that, according 
to Debye and Hiickel, distinguishes real electrolytic solutions from 
iden] ones. The extra energy G* of real solutions must therefore 
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Fig. 2.3. The Debye-Mückel model of the ionic atmosphere 


reflect the cumulative effect of ionic atmospheres on central ions. 
Calculation of activity coefficients reduces to finding an expression 
for this energy in terms of properties of solutions accessible to direct 
measurement. 

Calculation of the Energy of Ionic Interaction and Activity Coeffi- 
cients. The energy associated with the ionic almosphere is electri- 
cal in origin. It must therefore be a function of the charge density 
and the potential produced by the ionic atmosphere. Since the lat- 
ter is a statistical formation, we may ignore the discrete distribution 
of charges and use the Poisson equation to relate the mean charge 
density p to the corresponding mean value of the potential yp 


whore D =: dielectric constant 
V? = Laplacian operator. which may be expressed in rectangu- 
lar coordinates: 


22 62 a 288 
Wo oa tae K (25 
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Poisson's equation contains two unknown quantities. p and v. 
To find them, it is necessary to have a second equation connecting 
these two variables. Debye and Hückel derived the required equation 
as follows. 

Let the volume of a solution be V and let there be, per unit volu- 
me. Vi ions of type 1. each bearing charge ez. . V ions of type 2 with 
charge ezz. V. of type i with charge ez, and N, of the last type & 


2 


Fig. 2.5. Distribution of charges around a central ion 


with charge ez,. Since the number of charges of the positive ions of 
an electrolyte is equal to that of the negative ions, 


TN ez, = O and EN = 0 (2.33) 


The law of electroneutrality is valid not only for a solution as a whole. 
but also for any given clement of its volume sufficiently large as 
compared to the ionic size. If the selected volume of the solution is 
equal to unity, then 


Enez = 0 and En ,z, = 0 (2.34) 


where u is the number of ions of the species i per unit volume (say. 
one millilitre). However, the charge of a certain volume element dV 
situated in the vicinity of an ion and moving together with it thro- 
ugh the solution during the thermal motion (Fig. 2.4) will be diffe- 
rent from zero due to the presence of an ionic atmosphere. If the 
central ion (or reference ion) located at the coordinate origin is positi- 
vely charged. the volume element dV will then have an excess nega- 
tive charge. Assuming that the Boltzmann principle is applicable to 
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the ionic distribution in solution and that the forces operaling bet- 
ween the ions are electrostatic in nature. one can express Lhe number 
of negative ions in the volume element dV as follows: 
e 
XT Yay 
dn. — n.eXT dl 
and the number of positive ions as 


eti m" 
dn, ne *T “av 
The charge of the volume element will then he 
ez- Cls 
r Ty v. s 
(ezne RT —ezn,e XT ) 4 
amd the charge density 
ie cy 
ir Fre 
ez_n_e XT Vee ce kT 
Taking into account that there are different ionic species in the 
solution and ascribing to the valency of an ion a sign corresponding 
to ils charge, one may write 
zio 
P=Leznje I (2.35) 
Substitution of the value of p from Eq. (2.35) into the Poisson equa- 
lion yields 
er 


Vip = — * eXznje ITS (2.36) 


Equation (2.36) in its general form is difficult lo solve. To sim- 
plify it, Debye and Hückel made an assumption that ez: K kT, 
i.e., that the electrostatic interaction is small compared to the ther- 
mal energy. Expanding the exponential function into a <crics 


en 


. 1 F v (vy... (2.37) 


they conlined their consideration to the first two terms and obt 


ained 
the following equation for p 


p= Xeuni— F Lain (2.38) 


The first term on the right-hand side of Eq. (2.38) is equal to zero 
according to the law of electrical neutrality. from which 


p= — P Ta in 
and, consequently, 
Vix = n Zn (2.39) 
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Introducing a new variable 7 defined by 


Ane? 
x- V Fer Dain 2.40) 
one has 
va = y (2.41) 


The quantity x. or. more precisely 1^4. is of great value in the theory 
of electrolytic solutions, as will be shown below. Taking into account 
the spherical symmetry of an ionic atmosphere. we may write. in- 
stead of Vp. 


1 ô fap 
-3 ( x) (2.42) 
Substituting this value of V into Eq. (2.42) gives 
1 2 
a ("Face (2.43) 


where r is the distance from the central ion to the point where the 
electrostatic potential sp is determined. 
The general solution of this differential equation is 
e e 


+ Ag (2.44) 


|» = Ay T 
Fhe integration constants A, and A are evaluated [rom the boun- 
dary conditions. As follows from the basic laws of electrostatics. the 
potential vanishes at sufficiently great distances from the central 
ion (ip O as r— co), this being the first boundary condition. This 
condition would be satisfied only if 42 = 9; otherwise, with incre- 
asing distance from the central ion the electrostatic potential would 
shoot up lo infinity, i.e.. p —oo asr — oo (eis a quantity of high- 
er order than r). Hence. taking into account that -12 = 0. Eq. (2.44) 

may be replaced by 
e 


pod, (2.45) 


r 


‘To evaluate the integration constant Aj, it is assumed in the first 
approximation of the Debye-Hiickel theory thal ions may be regar- 
ded as material points possessing a certain charge. In this case at 
r — 0 the potential sp must tend to the potential yp; of the ion itself. 
i.e.. 

2 D 
CELER ELI Br (2.46) 
which is the second boundary condition. 

If eur is expanded into a series, then 

ee 1 1 
p= Ay 2A (-N. 
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Ir — U, all the terms of the series may be neglected as compared 
with unity. Then 


1 
Trao = th = Ay — 
and one has 


The quantity p in Eq. (2.48) is the mean value 
point r produced by the ionic atmosphere and th 
solutions are characterized by the potential of th 
Pia Which is found, using the law of the superpos 
as the difference between y and bi 


of the potential at 
e central ion. [teal 
e ionic atmosphere 
ition of potentials, 


Vis P— Vi E (ect — 1) 


To calculate the interaction energ 
the potential of the ionic atmosphe 
i.c., to find the limiting value of Pia for r — 0. Using the same pro- 
cedure as above, i. e., expanding the exponential function into a se- 
ries and neglecting the higher terms of the series. one hive that 


Y, it is necessary to determine 
re al the site of the central ion. 


Piar. o> V — — 1 (2.49) 


According to Eq. (2.49), the quantity may be defined as the poten- 
tial produced at the site of the central ion by an oppositel: charged 
ion situated at a distance of 1/x from the central ion. The quantity 
1/4 has the dimensions of length and is referred to as tlie Debye- 
ITückel reciprocal length 0. Since the potential is produced not by 
à single ion but by the ionic cloud as a whole. the quantity 1% may 
also be called the thickness, or radius, of the ionic atmosphere. 
The quantity x, and hence the radius 1/%, can be computed from 
Eq. (2.40). 

As noted above, in the first approximation of the Debye-Ilückel 
theory (the point-charge approximation) it is assumed that the ener- 
gy of ionic interaction is electrostatic in origin. It may therefore he 
defined as the energy of charging a central ion in the electric field of 
an ionic cloud. It is known that the energy of charging up a particle 


© ln fact, this quantity should be called the Gouy length since it was first 
introduced by Gouy in the theory of diffuse double laver (see below). 
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from a state of zero charge Lo a charge of 9 in the field w ix equal to 


D (2.50) 
0 n 


since q = Cj, where C is capacitance. 

Substituting into (2.50) the magnitude of the charge on the central 
ion inslead of q. and the quantity w' from Eq. (2.49) in place of p 
yields the following expression for the energy of charging, which is 
equal to the energy of interaction between the central ion and the 
ionic atmosphere: 

ei 
7 fR(f5.y- 1, 
21 — 2 (1) — (2.51) 
Using expression (2.51) in conjunction with (2.30). we gel for the 
aclivity coefficient: 


e?z? " 

in f,— H 7 (2.52) 
Substituting the value of z from Eq. (2.40) into (2.52). one has 
= : 

in fe = — arp (Tn (2.53) 


To express the composition of a solulion in terms of the concentra- 
lion in moles per litre instead of the number of particles per unit 
volume, tie quantity u, must be replaced by e 4/1000. The follo- 
wing formula is then obtained for the activity coefficient of the ionic 
species j»: 


f e323 RN AXeis] y Ve = 
ae ee ee NE TT (eect de 4 
In f; DET) ( 7000 ) (2.54) 


In most cases it is necessary to know, apart from the activily 
coefficient f, of a particular ionic species, the mean actlivily coeffi- 
cient f4 of the electrolyte, the more so that experimental data enable 
one to determine this quantity rather than fj. An expression for the 
mean activity coefficient f, can be found from (2.54), taking into 
account that 


In = Lv, In f; 


where v is the number of ions into which an electrolyte molecule is 
dissociated: it is equal to LV,. This expression is written down as 


Tos aN M, 
Inja = =g Ewe (Torp) "(Beat)" (2-55) 


© Here and further in the text the difference between the three methods of 
expressing the activity coefficient is ignored, which is quite permissible for 
dilute solutions. 
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Equation (2.55) can be modified. passing over from natural to de- 
cimal logarithms, by introducing the ionic strength J = 2 Set 


and lumping together all the concentration-independent quantities 
into a new constant h 


log / = —hV J (2.56) 
where 


h= 1.283 x 10° + X vt (DT) 7 (2.57) 


For a binary electrolyte dissociating into ions of valencies z_ and 2. 
from Eqs. (2.56) and (2.57) it follows that 


log f. = —1.283 x 10*| z.z | (O7) 2V] (2.58) 
and for a binary 1 : 1-valent electrolyte 
log fa = —1.283 x 10* (DT) EVT (2.59) 


For the mean activity coefficient of a uni-univalent electrolyte at 
room temperature (25°C) and with a solution having a dielectric 
constant equal to that of water (D = 78.3) the following formula, 
corresponding to the point-charge approximation of the Debye- 
Hückel theory. is valid: 


log fa = —0.51Vc (2.60) 


Comparison of the Debye-Hückel Theory with Experiment. The 
Debye-Hückel theory permits one to obtain the same equation for 
the activity coefficient as has been experimentally found for dilute 
electrolytic solutions. The theory thus appears to be in qualitative 
agreement with experiment. Before proceeding to a «quantitative 
comparison of the Debye-Hückel theory with experiment il is appro- 
priate to consider the following assumptions underlying this theory: 

1. The number of ions in solution can be determined from the 
analytical concentration of the electrolyte since il is considered 
to be completely dissociated (œ - : 1). For this reason the Debyoe-Hoüic- 
kel theory is sometimes referred lo as the "theory of complete disso- 
ciation”. However, it may also be employed in cases where G ul. 
Indeed, having determined the degree of dissociation of a solution 
of a weak electrolyte from the intensity of light absorption, one can 
find the true concentration of its ions and then, by Eq. (2.60), the 
mean activity coefficient. 

2. Tbe distribution of ions around a central ion obeys the clas- 
sical Maxwell-Doltzmann statistics. From the physical point of 
view it is unclear to what extent the classical statistics is applicab- 
le to an assembly of charged particles (such as ions). The Debye- 
Hiickel theory in fact uses an ionic distribution of a type different 
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from the Boltzmann distribution since after the expouential func- 
lion is expanded as a series the latter is terminated after Ube first 
(for unsymmetrical electrolytes) or the second term (for symmetri- 
cal electrolytes). This distribution function may thus be written as 


n4 (ue) u (1 P t) (2.61) 


A number of attempts have been made to replace this partition 
function by a different one, but they did not receive general recogni- 
tion because they complicated the mathematical formulation without 
substantially improving the accuracy of calculations. The use of Eq. 
(2.61) in place of the Boltzmann formula is tantamount to assuming 
that (z,eq:/k 7) < 1. The lower the concentration and valency of ions. 
the more valid is this inequality. 

3. The ionic size may be neglected compared with interionic dis- 
tances and the total volume of the solution. Ions are thus regarded 
as point charges and all their properties are reduced to the magnitude 
of charge. This assumption is valid only for dilute solutions, With 
increasing concentration the error becomes larger and may considerab- 
ly distort the results of calculations. 

4. The interaction between ions is completely determined by coulom- 
bic forces. The superposition of electrostatic forces upon thermal 
forces leads to such a distribution of ions in a solution which is 
characterized by a random spherical ionic atmosphere. This assum- 
pl ion is also valid only for dilute solutions. With increasing concen- 
tration the mean inlerionic distance decreases and, in addition 10 
electrostatic forces, here appear other forces operating at a shorter 
distance, mainly van der Waals forces. The concept of ionic atmos- 
phere must also be modified in this case since it becomes necessary 
lo Lake into account not only the interactions between a particular 
ion and ils surroundings but also hetween (wo neighbouring ions. 
It can be seen from Table 2.3 that as the ionic concentration and the 


TABLE 2.3 


‘Thickness of the Ionic Atmosphere for Various 
Types of Electrolytes as a Function of Their 
Concentration (Water used as solvent. ¢= 25°C) 


Thickness of ionic atmosphere, A. 
at n concentration of 


Tepe of 
electrolyte 
"0,001 95. 01 wy 
mole litre mole/litre mole litre 
111 96.4 30.5 9.64 
L:2and 2:1 55.8 19.3 5.58 
2:32 48.2 15.3 4.82 
1:3and 3:1 39.4 13.6 3.94 
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charge on the ions increase, the size of the ionic atmosphere becomes 
comparable with the ionic size, which contradicts the concept of the 
ionic atmosphere. 

5. In creating the theory of the molecular (microscopic) structure 
of solutions one may use the dielectric constant, which is a macro- 
scopic property of a system. It was assumed in calculations that the 
dielectric constant of a solution is equal to that of a pure solvent. 
These assumptions may hold true in the case of dilute solutions. 
For more concentrated solutions it is necessary to lake into account 
that the dielectric constant varies with electrolyte concentration and 
the use of an averaged dielectric constant will not be sufficiently 
rigorous. 

Thus, with the assumptions made by Debye and Hiickel their the- 
ory can be applied only Lo dilute electrolytic solutions containing 
low-valency ions. Equations (2.52) Lo (2.56) and (2.58) to (2.60) 
correspond to this limiting case and express the so-called Debye- 
Hückel limiting law or the first approximation of the Debye-Hiickel 
theory. For this reason, when testing the Debye-Iliickel theory as 
the limiting law it is necessary to take into consideration that the 
higher the concentration of an electrolyte and the magnitude of the 
charges of its ions and the lower the dielectric constant of the solu- 
tion, the poorer will be the agreement between this limiting law and 
experiment. 

The Debye-Hiickel limiting law yields correct values of activity 
coefficients for a 1 : 1-valent electrolyte (sodium chloride). particu- 
larly in very dilute solutions (Table 2.4). The fit between theary and 


TABLE 2.4 


Comparison of Experimental and Calculated Activity 
Coefficients for Solutions of NaCl and InsO. 
(Water used as solvent. ¢ 25°C) 


Concentra- NaCl ZnsO; 
on, Emu QEic EC MG pM LE LE Lcd rn TAE o ERU VENE — 
mole/litre 14. (exp) l f (theory) Í z(exp) | fectheary) 
— — —— (—-„— — 

60.0003 0.975 0.971 — i 

0.0905 — she 0.780 

0.001 0,965 0.954 0.700 

0.002 0.952 0.946 0.608 

0.1 0.906 0.840 i 0.387 | 

| 


experiment becomes poorer as the concentration increases. In the 
case of a 2: 2-valent electrolyte (zinc sulphate) there is a discrepancy 
between the calculated and experimentally observed aclivily coeffi- 
cients even at very low concentrations (see Figs. 2.1 and 2.2). For 
example, at a concentration of 0.01 mole per litre the divergency 
exceeds 30 per cent. 
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The experimental and calculated values of the slope of log f, ver- 
sus V J straight lines for dilute electrolyte solutions in water-ethanol 
mixtures are listed in Table 2.5. 

TABLE 2.5 


Experimental and Calculated Values of the Slope of log f= 


versus V7 Straight Lines for Various Types of Electrolytes 
(A mixture of water and ethyl alcohol used as solvent. f= 25°C) 


Dielectric 
constant of 
solvent 


In this case Loo the discrepancy between theory and experiment 
becomes larger with the growth of forces of interaction between the 
ions, i.e., as the valency of the ions increases and the dielectric con- 
stant of the solvent decreases. These and other experimental data 
indicate that the Debye-Hiickel theory provides a correct description 
of the behaviour of electrolytes in the region where the assumptions 
involved remain valid. 

Further Dcvelopment of the Debye-Hückel Theory. The first attempt 
to improve the Debye-Hückel theory and extend the range of 
its application. was made by the authors of the theory. In the so- 
called secou: approximation Debye and Hückel abandoned the 
concept of ios as point charges (assumption 3) and tried to consider 
ions as entities of finite size, every electrolyte being given a certain 
mean diameter a (with the result that assumption 4 is also changed). 

i inrite dimensions to ions, Debye and Hückel thereby 
took into zc: vunt the repulsive forces of noncoulombic origin that 
prevent opp: ficly charged ions from approaching one another closer 
than a certiin distance depending on the nature of the electrolyte. 

In the finits-ion-size model (the second approximation), after the 
same transformations as in the derivation of the limiting law ?, the 
activity cocficient of the ionic species i is given by 


ets] X 
In fi= Wer iraz (2.62) 
or 
log / = T (2.63) 


D It is assumed in calculations that the ion-size parameter a corresponds to 
the minimum potential energy. 


5—0363 
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where b = y V J and h retains its previous meaning. For the mean 
activity coefficient of an electrolyte dissociating into v ions, of 
which v. have a valency of 3% and v. a valency of 2, the finite- 
ion-size approximation leads to the equation 


e 2.64 
IF ° Traz (2.64) 


All the equations involved in the second approximation differ from 
the corresponding equations of the point-charge approximation by 
a factor of 

1 
laz 

According to its physical meaning the parameter a depends not 
only on the nature of theelectrolyte, the mean activity coefficient of 
which is to be calculated, but also on the nature of other electrolytes 
present in the solution since all the ions in solution parlicipate in 
the formation of an ionic atmosphere. In this connection the crystal- 
lographic radii of individual substances cannot be used to delermine 
the mean ionic diameter a of an electrolyte; it is found by experi- 
ment. Hence. in contrast to the point-charge model. the equations 
of the linite-ion-size model contain an empirical constant. 

The best agreement with experiment was oblained by La Mer 
and his coworkers, who also started from the assumplions made by 
Debye and Hiickel in their second approximation but provided a more 
precise mathematical solution of the basic differenti; equation. 
They showed that if one takes into account not two bul more terms 
in a series into which the exponential function e j. expanded, 


then the equation for the mean activity coefficient of a biz»əry electro- 
lyte assumes the form 


PAE |s.3_[¢? Z 2 T 
In f= — XT bap 45 (2.65) 


Equation (2.65) differs from Eqs. (2.62) and (2.65: in that it 
contains the term TI. which is the sum of the terms fro: the third 
to the fifth or sixth. If the extra terms in the series are taken into 
account, it will be tantamount lo partial removal of the assumption 
that ezp K kT. Here the energy of ionic interaction becomes compa- 
rable in magnitude with the energy of thermal motion of ions. though it 
remains lower as before; this circumstance must extend the range of 
application of the theory. As shown by experimental dala (see Tab- 
le 2.6). Eq. (2.65) allows one and the same posilive value of the mean 
effective diamelera lo be used for calculating /s, while in the finite- 
ion-size version of the Debye-Iückel theory the diameter a is not 
à constant and may be negative, which contradicts ils physical 
meaning. 
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TABLE 2.6 


Values of the Parameter « in Eqs. (2.62) 

and (2.65) at which the Calculated Value 

of the Mean Act Coefficient of ZnSO, 
Coincides with the Experimental Value. £ -- 25°C 


È | 72 1 (2. 2) * (2.65) 
0.0005 0.780 3.04 
0,001 0.700 3.68 
0.002 0.608 3.05 
6.005 6.477 3.64 
6.01 0.387 3.62 


DEA d E PEE SEE 


The drawback of the La Mer formula is the cumbersome procedure 
for calculating the sum T R.. In order to facilitate calculations, 
special tables have been compiled. which contain values of /t for 
various values of n. a and z. Since the sum of the first (wo terms in 
a decreasing series is always grealer than the sum of the subsequent 
three or four terms. it follows that 


latae? AZ 8 
3DkT ^ 1- ay, ER, 
and values of the mean activity coefficient / greater than unity 
cannot be obtained from formula (2.65). which renders il inapplicable 
in the ease of concentrated solutions. 

Semi-empirical Formulas for Calculating Activity Coefficients. 
A number of investigators have made an assumption that when two 
oppositely charged ions approach each other, ion pairs may be for- 
med. As cislinct from molecules. ion pairs are held together by 
coulombic forces. The probability of formation of ion pairs and also 
of more complex ionic assemblies is not taken into account by the 
Debye-IIi«kel theory. This is one of the reasons behind its disagre- 
ement wilh experiment. The degree of association of ions into pairs 
has been vsiculated and compared with experimental data. The results 
of this cos:parison show that ion association does play an important 
part, especially in solvents with a low dielectric constant. 

Hiickel tried do take into account the variation of dielectric 
constant with concentration of solution. Assuming ions to have 
a finile size bul neglecting all the terms of a series into which the 
exponential function is expanded. except for the first-order term, 
Hückel inferred that the dielectric constant decreases with increasing 
concentration of the solution. The fall in the dielectric constant is 
due to the orientation of solvent dipoles around the ions with the 
resulting decrease in their response to the effect of the external field. 


HL 
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In spile of the physical plausibility of this hypothesis, the derivati- 
on of the equation for the activity coeflicient given by IIückel cannot 
be considered correct. This follows, for example. from the fact that 
the decrease of the dielectric constant and the associated growth 
of the forces of ionic interaction progressively invalidate the assum- 
ption that ezpp & kT. The equation derived by Ilückel is cumberso- 
me, but it can be replaced by a simpler one: 


21242 Vs E 
log fa = — AHO . (2.66) 


where A and B are empirical constants. If the values of A and B are 
chosen correctly, the Hückel formula (2.66) agrees well with experi- 
ment and is convenienl for empirical calculations. It enables one to 
obtain positive values of log f. in the region of strong interionic for- 
ces, where the product BJ will be greater than the first term. This 
makes it possible to use the Hückel formula at high concentrations. 

With successively decreasing interionic forces (he IIückel formu- 
la is transformed first into the formula of the Debye-Hückel finite- 
ion-size model (but not into the La Mer formula) and then into the 
Debye-Hückel limiting law. For practical calculations it is conveni- 
ent to use, along with the IIückel formula. the following semi- 
empirical equations: 


(2.67) 


and 


e e S. : 
og fa gr (2.68) 


Thus, in the course of the development of the theory of solutions 
on the basis of the concepts introduced by Debye and Hiickel it 
became necessary lo resort to various semi-empirical equations in 
all cases where the electrolyte concentration was high. The deriva- 
tion of theoretical equations applicable over a wide range of con- 
centrations requires the development of more realistic conceptions 
vof the molecular structure of electrolytes and of the nature of forces 
operating. along with coulombic and thermal forces, between all 
the particles in solution. 


CHAPTER 3 


Solvation and Hydration of lons 


3.1. EMPIRICAL HEATS OF HYDRATION 
OF ELECTROLYTES 


The thermal effect observed on dissolution of one gram-molecule 
of a substance is called the heat of solution Qr. Heats of solution are 
usually small and may be either positive or negative. Considering 
that the ions in solution move independently of each other and beha- 
ve as independent particles, it may be supposed that during the pro- 
cess of dissolution the bonds between the ions in molecules or in 
a crystal lattice are broken. The energy of bond rupture in the mole- 
cule and the lattice energy are high. Small heats of solution there- 
fore indicate that the energy required to break up a crystal lattice, 
U.. is generated in the process of dissolution. 

Though this energy is experimentally inaccessible, it can be 
evaluated with sufficient accuracy by indirect methods. According 
to the views widely accepted at present and based on the works of 
Kablukov. the energy bringing about the rupture of bonds in the 
molecules of an electrolyte is produced by interactions between its 
ions and solvent particles (when water is the solvent, the process is 
known a: ^ydration). This energy is equal to the change of the Gibbs 
free encrzy taking place during the reactions 


Mz. + zH;O = M(HzO) z 


and 
At- + yH:0 = A(H20);- 


which give rise to hydrated ions. Similar processes are also found to 
occur in nonaqueous solutions, but leading to the formation of 
solvated ions (the process known as solvation). The energy effects of 
these two types of reactions are known as the hydration energy U, 
and the solvation energy Us, and the corresponding thermal elects as 
the heat of hydration Qj and the heat of solvation Qs (as suggested by 
Fajans). 

The heats of hydration were first calculated by Haber and Born 
with the aid of cycles based on the well-known thermodynamic law 
(Hess's law). The application of the Born-Haber cycle is exempli- 
fied by the determination of the heat of hydration of potassium chlo- 
ride. 
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In the first step of the cycle one gram-molecule of crystalline 
potassium chloride is broken up. giving rise lo free gascous polas- 
sium and chloride ions: the energy used up is the latlice e 
kcil x. The ions are transferred into the solvent where they form a so- 
lution of potassium chloride. This process leads to the evolution of 
the total heat of hydration of a potassium ion K:Qn and a chloride 
ion c-Q,. In the second step one gram-molecule of crystalline 
potassium chloride is transferred directly into the same volume of 
solvent lo form a solution of potassium chloride; this process is 
accompanied by the thermal effect. Qr. The entire cycle may be 
represented schematically as follows: 


MÀ 


[kc] — —À À—— qe + (er) 


nergy 


\ rOn 


8 4 
Ke * Cleo 

Assuming all the steps of the cycle to be reversible and isother- 
mal and applying Hess's law, we obtain 


Krt c-r = ker ral g (3.1) 

Equation (3.1) allows the heat of hydration to be found © if the 
heats of solution and the lattice energy are known. 

Unlike the heat of solution, the lattice energy cannot kc determin- 


ed experimentally. Its value is calculated by using the Borz equa- 
lion: 


RUD 
Up= Na AMES (21) (3.2) 
EZ n 
where Kar = Madelung constant depending on the mutua! arrange- 
ment of positive and negative ions in the lattice 
(its values for various types of crystal lattice are 
known) 


r= equilibrium distance belween oppositely charged ions 
in a given type of lattice 

n = repulsion coefficient ranging from 5 to 12 (n can be 
found experimentally from the compressibility of the 
crystal). 


Kapustinsky proposed formulas which, though less precise than 
the Born equalion, are more universal and do nol require complicated 
calculations associated with the determination of Ky, and n: 


U; = 250.1v = (3.3) 


. r. 


— — 


» [n using Eq. (3.1) it should be borne in mind that it is v 


: : hot quite rigorous 
Since. along with the heats. it contains the lattice energy Ug. 
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and 8 0.445 
U = 281.2» = (I (3.4) 


where v = number of ions in a molecule of an ionic substance 
z. and z. = valencies 
r. and r.:sradii of positive and negalive ions. 

In determining the heat of hydration it is possible to avoid calcu- 


lating the lattice energy by using a more complicated cycle: 


:Q 
(Kcg— S H (ci 


-5S 4 
| 2 ci, 
ke ao (cl) 
-LJ « 
N 
K. 22 ae 
ag (K+) (eX +a- 
`N 
+ 2 + ON 
Cla, ELA (GI) 
Here 507 -. heat of formation of crystalline potassium chlori- 
f de [KCI] from potassium and chlorine taken in 


their standard state. i.e.. in the form of solid 
metallic potassium. [K] and gaseous molecular 
chlorine (Clz) 

--Sy = heat of sublimation of potassium with the forma- 
lion of gaseous atomic potassium (K) 


E Dei, = energy of dissociation of molecular chlorine into 
gaseous atoms (Cl) 

= energy corresponding to the lirst potential of 
ionization of polassium atom with the formation 
of gaseous potassium ion (K *) 

- Idi = energy which is a measure of electron affinity of 

chlorine atom. 
The remaining quantities have the same meaning as before. From 
this cycle it follows that 


K · O. cien = KCI l. + xciQ, T Sx + 2 Doi Ik. Ici- (35) 


The heals of hydration have been determined for various compounds 
with the aid of the empirical methods discussed above. Some of 
the data obtained are given in Table 3.1. = 
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TABLE 3.1 
Ileats of Hydration of Some Compounds 


Compo- Q,. | Compo- Qa. Compo- . ] Compo- Un. 
und kcal/mole und“ dad und kenl ‘mote! und kcal mule 

LiF 229 | LiCi 210 LiBr 203 i Lil 192 
NaF 202 ʻi NaCl 185 NaBr 177 Fal 166 
KF 182 KCl, 165 KBr 156 j Kl 146 
MgF 671 | MgC 6 MgBr. 613 | Mgl, z 
BaF, 442 i BaCl, 406 | BaBr, 390 | Hal. 369 
Als 1430 AIClg 1378 # AlBr3 134! All, 1222 
HF 366 ICI 349 HBr 7 III 330 
LiOH 208 NaOH 182 KOH 162 5 CsOM 148 


k l 
a a a A E UEM EE 
3.2. HEATS OF IIYDRATION OF INDIVIDUAL IONS 


3.2.1. DEPENDENCE OF THE HEAT OF HYDRATION 
OF AN ION ON ITS PROPERTIES 


The differences in the heats of hydration of electrolytes with 
8 common ion, for example, 


LIT O Nar n and Lici On Nac OR 
or 


dor C NaciOn and KrQa—Kei@n 


are closely similar (see Table 3.1). Hence, the heats of hydration of 
substances are additive, being composed of the heals of ldiration of 
the constituent ions. 

It can be seen from Table 3.1 that if the hydration energy of a cesi- 
um ion is taken to be equal to zero in the series of alkali mziai hydro- 
xides, then the values of the conditional hydration energice of cations 
will increase in the sequence indicated in Table 3.2. 

In a similar way, using experimental data on the heats o; hydration 


TABLE 3.2 
Variation of the Relative Heat of Hydration of Alkali Metal 
llydroxides with Cationic Radius 


— —— 


Ion 
Property . eS 


z (after Goldschmidt), Å 1 
QA. kcal/g-ion 0.00 14 34 60 
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TABLE 3.3 


Variation of the Relative Heal of Hydration 
of Lithium Halides with Anionic Radius 


lon 
Property 
I- | Ur- cl- | F- 
r (after Goldschmidt), A| 2.20] 1.96] 1.81]. 1.33 
Qn, kcal/g-ion 0.00 | tt 18 


47 
l 


of lithium halides and putting -O = O, we compile a similar 
table for anions (Table 3.3). The relative values of the heats of 
hydration obtained indicate that tho ionic size plays an important 
part in the process of hydration. The heats of hydration in a series 
of ions similar in their properties, as a rule, increase as their radii 
decrease. 
TADLE 3.4 
Variation of the Relative Heat of Hydration 
of Metal Halides with Cationic Charge 


Compound 
Property 
Lict | MgCla A&CIs 
Valency of cation (=) 1 2 3 
LG, kealig-eq 210 318 459 


A comparison of the heats of hydration of metal halides having 
different valencies shows that the heat of hydration increases with 
increas `g ionic charge (Table 3.4). 


3.2.2. EXPERIMENTAL HYDRATION HEATS OF [ONS 


The heats of hydration of individual ions can be obtained from 
experimental values of the heats of hydration of substances by making 
certain assumptions as to what fraction of the total heat should be 
assigned to each of the ions. The heats of hydration of single ionic 
species thus obtained are called experimental, though they are all 
more or less arbilrary and depend on how close to reality the assum- 
plions are. These heals therefore cannot be regarded as experimental 
and their comparison with calculated heats does not indicate the 
degree of reliability of the theoretical method employed. 

We shall now discuss the principal methods of determining expe- 
rimental heats of hydration. 
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An assumption has been made that since the valencies and crystal- 
lographic radii of the ions K and P- are equal CR. rr. 1.33 A) 
their heats of hydration must also be equal and can be determined 
simply by dividing in half the experimental heat of hydration of 
potassium fluoride. This assumption made by Bernal and Fowler 
does not Lake into account the fact that anions are more hydrophilic 
than cations. which means that the F- ion requires a relatively lar- 
ger fraction of the total heal of hydration. 

A more realistic. suggestion was made by Mishchenko in 1947. 
who assumed that the heats of hydration of the Cs* and 1- ions une- 
qual in size are equal. The radius of the iodide ion is about 0.55 À 
larger than that of the cesium ion. According to Mishchenko. the 
larger radius (compared with the cesium ion) and the associated 
decrease of the heat of hydration of the iodide ion must compensate 
for its excess hydrophilic capacity (as a negatively charged ion) and 
the consequent increase of the heat of hydration. Owing to the asym- 
metry of their dipoles molecules of waler can come closer to anions 
than to cations. The asymmetry factor. as determined on the basis 
of various water-molecule models, lies in the range of 0.22-0.28 K. 
The minimum possible distances between the centres of positive 
and negalive ions of equal size and the centre of the water di pole 
must differ by twice this figure. The difference in the radii of the I- 
and Cs* ions is 0.55 A and provides mutual compensation of the 
eflects of ionic size and hydrophilic capacity. 

To resolve the total heats of hydration into individual values for 
the component ions extrapolation methods have beer proposed, 
based on the dependence of heats of hydration on ionic. radii. The 
method developed by Izmailov (1960) is of particular interest. 
It is known that the total heats of hydration of ions for:aing a given 
substance, as well as the differences in heals of hydration for like- 
charged ions can be determined quantitatively from ex rimental 
data. Since with increasing ionic radius r or with a de: e in its 
inverse 1/r heats of hydration tend toward zero. with increasing 
anionic radius the sum of the heats of hydration of the ions of 
electrolytes with the same cation M* but different anions A= must 
lend lo n O, i. e., 


lim («Q4 -O) 1 „ Qs 
TAT 


The difference in the heats of hydration of two cations will tend to 


the same limit if the radius of one of them (for example. the second) 
increases. i.e., 


lim (4; Qn = milh) i. 
Tul 


0 u 


~ 
ul 
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Thus. if G0 -E Qn) or (1G Gp »; 09 is plotted against 
Ur and the curves are extrapolated lo I = O or fry. 0. the 


intercept of the ordinate will correspond to 4;Q,. The mean va- 

lue of the sums and differences of the heats of hydration. i. e. the 

quantity - » 
„ „= 313% 

a; Q^ 7 2 

must also tend in the limit lo 105 wilh increasing mean radius of 

cation M$ and anion A7. i.e.. the quantily r, determined from the 


11 ( 1 I ) 
Tm 2 m Fa- 

The determination of the hydration energy for a hydrogen ion by 
this method is illustrated in Fig. 3.1. 

It shouid be noted that the heats and energies of hydration obtai- 


ned by Mishchenko and Izmailov for individual ions are very close 


equalion 


400 


Sa 
S 
3 


8 


2 kcal /g-ion 
8 


3 


150 
05 10 15 e 


Fig. 3.1. Determination of the hydration energy of ions according to [zmailov: 
sf the total hydration heat of acids as a function of anionic radius; 2—the diffc- 
the hydration heats of acids and thelr salts as a function of salt catton radius, 
sec sums and differences of the hydration heats of acids and their salts as 
a function of the mean radius of salt cation and anion 


rence 
3—1he 


to each other, though their methods of resolving the total heats arc 
based on different. principles. Therefore the experimental individual 
heals of hydration as obtained by Mishchenko and Izmailov are con- 
sidered to be the most reliable. 
3.2.3. CALCULATION OF HEATS OF HYDRATION 
BY THE CONTINUUM METHOD 

One of the first attempts to calculate theoretically the heats of 
hydration of individual ions was made by Born. His method of cal- 
culation is based on the assumption that the energy of solvation 
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(hydration) of an ion must equal the difference between its potential 
energies in vacuum Uy and in solution U;: 


Us = Uy =. UL (3.6) 
The energy of an ion in vacuum is given by 
qg se En 
go 


where ze = ionic charge 
r — ionic radius. 
The energy of an ion in a medium of dielectric constant D is 
qoe 
JN q 2e 
U, = f 7D 40 3 
q 0 
and tlie solvation energy in terms of a gram-ion is 
„ eie [i 
US = N 5 ( —3) (3.7) 
Since the heat and energy of hydration are interrelated by the Gibbs- 
Helmholtz equation (1.32), which in this particular rase, i.e., for 


Us = — AGs. may be rewritten as 


Us=0s+T SS (3.8) 
it follows that 


b.)] e 


Thus, according to Born, the solvation energy of an ion is determi- 
ned by its charge and dimensions as well as by the dielectric constant 
of the solvent. Equations (3.7) and (3.9) can be applied lo any soluti- 
on provided that its dielectric constant is known. 

Since electrolytes dissociate owing to the energy of solvation, it 
should be expected. if Born's ideas are accepted, that the dissociating 
power of the solvent is in direct proportion to ils dielectric constant. 
This regularity was established by Walden (1903) even before Born's 
solvation theory appeared. Walden formulated the following empiri- 


cal rule (known as Walden's rule) for the telrasubstituted series of 
ammonia: 


Dy V, const (3.10) 


where V, is the dilution required to attain a definite degree of dixso- 
ciation & equal for all solutions compared. The data obtained at 
a = 0.83 are presented in Table 3.5. 
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TABLE 3.5 


Relation Between the Dicleetric Constant 
and Dissocialing Power of Solvents (after Walden) 
es ð ié2 a ae eee 


D D Y Ya 0.83 


. ee E EEUU EE EE 


Solvent 


Water 81.7 a 254 
Nit romethane 40 200 2i 
Methanol 32.5 400 240 
Acety acetone 26 1000 260 


Anisaldehyde 15.5 3100 226 
See ˙— — — 

Walden's rule however is of limited applicability. a circumstance 
noted lrst by Pisarzhevsky. 

To use Born's equation for calculations it is necessary to know. 
along with the dielectric constant of the solution, the valency and 
radius of the ion concerned, The valencies of ions are known, and 
their radii are taken by Born to be equal to erystallographic radii. 
The latter are effective ionic radii and depend on the type of crystal 
lattice. The use of elective radii in place of ionic radii in solutions 
may lead to errors in calculations. Another drawback of the Born 
theory is that the dielectric constant of a solution is assumed to be 
identical with that of a pure solvent, which contradicts experimental 
data. If we calculate the heats of hydration for sodium, polassium, 
fluoride ud chloride ions on the basis of these assumptions. the fol- 
lowing e will result: 

lon . Fa. Ke F- Ci- 

Ou. kcal/g-ion . . 166 123 123 90 
A comparizon of the heats of hydration of the compounds ial. NaCl, 
KF and KEI calculated from the Born equation with their experimen- 
tal values (see Table 3.1) reveals that the theoretical values are 
higher dien the experimental data. though Dorn's equation yields 
a qualitatively correct relation between the energies (heats) of sol- 
vation ann the properties of ions. For instance. in full accord with 
experiment. the heats of hydration become greater as fluoride or 
sodium ious are substiluted for chloride or potassium ions. respecti- 
vely, in the molecule. i.e., as the ionic radius decreases. 

An altempt Lo refine Born's equation was made by Webb. who 
introduced corrections for a fall in the dielectric constant of a soluti- 
on in the immediate neighbourhood of tlie ion and for the work of 
compressing the solvent during the introduction of an electrolyte 
(this phenomenon is known as electrostriction). In making these 
corrections Webb proceeded from the dependence of the diclectric 
constant of a dielectric on the properties of its constituent particles 
and their behaviour in an electric field. 
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It is known that with a constant charge density on the plates of 
a parallel-plate condenser the field strength belween them is found 
lo be greater in vacuum. py, than in a dielectric, yp. The ratio 

V i 

m (3.11) 
is called the dielectric constant D of a substance. assuming thal in 
vacuum D is equal to unity. 

Equation (3.11) implies that part of tlie charges on the capacitor 
plates are compensated for by the charges of the dielectric. If the 
molecules of the dielectric are polar. i.c.. the centres of gravily of 
the positive and negative charges do nol coincide, then such mole- 
cules possess a permanent dipole moment wy. The dipole moment is 
here defined as the product of any one of the dipole charges, g, and 
the distance between their centres of gravily. /: 


gl (3.12) 
The charge q is a multiple of the electron charge (4.803 x 10 esu), 
and is equal Lo several angstroms (1 A -- 107 em). Consequently, 


the dipole momen! must be of the order of 1018. The magnitude 
of the dipole moment equal to | x 10-!* ix called the debye (D). 
Under the influence of an electric field polar molecules are oriented 
so that their positive ends are directed toward the negative capa- 
cilor plate, and their negative ends toward the positive plate, thereby 
compensating part of the capacitor charger. The degree of molecular 
orientation increases with increasing field. strength and [or large 
fields, when all the molecules of the diclestric become oriented, ils 
response lo the electric field will not dies formally from that of 
vacuum. Under these conditions a state is reached which is called 
dielectric saturation, and the dielectric coistont of ihe substance app- 
roaches unity. The orienting effect of the fiel! is counteracted by the 
thermal motion of particles. With equal (ell slvengths. the higher 
the temperature the lower is the degree of oijeniation and the later 
will the state of dielectric saturation be attained fie.. al increased 
field strength). 

It should be kept in mind that the particles of diclectrics having 
no permanent dipole are capable of allering their shape under the 
influence of an external field, as a result of which they may acquire 
a dipole moment. The moment due to an electric field is called the 
induced dipole moment u;,. The displacement of charges in a dic- 
lectric particle giving rise lo an induced dipole will always reduce 
the field strength irrespective of the temperature. bor not-too-large 
fields the magnitude of an induced dipole is proportional to the 
field strength: 


Hin = ay’ (3.13); 


where @ is the polarizability. 
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The dielectric constant as a macroscopic characteristic of a sub- 
stance is related with the microscopic properties of the particles 
making up a given substance, namely, with their dipole moments and 
polarizability. Various equations have been proposed to describe 
this relation. One of the earliest and most widely used is the Debye 


equation 


Drs TT 3 A. VIA aT o3 ANAS (3. 14) 
where / molecular weight 
d density of the substance 
Hy c5 component of the permanent dipole moment in the 
direction of the field. 

If an electrolyte is introduced into a pure solvent of dielectric 
constant Dy. part of the solvent molecules will orient themselves 
in an electric field set up by the ion charges of the electrolyte. The 
dielectric constant of the solvent must then decrease because some of 
its molecules will be oriented around the ions and become passive 
in respect of the external field. The dielectric constant of the solution 
is therefore lower than that of the initial solvent. The lowest value 
of the diclectric constant is observed in the vicinity of an ion. In 
the case of ions of different size but equal charge. the smaller the 
ionic radius, the more pronounced is the depression of the dielectric 
constant. Accordingly. Webb introduces into the Born equation the 
values of dielectric constant corresponding to each radius (),). 
which ix always lower than the dielectric constant of a pure solvent. 
The seco: effect taken into account by Webb is associated with the 
phenomenon of electrostriction. i.e.. compression upon dissolution. 
As a result of electrostriction the volume of the solution becomes 
smaller than the sum of the volumes of the pure solvent and solute. 
A certain amount of energy is required for the work of compression. 
Both these effects being taken into account, the energy and heal of 
hydration calculated from the Born-Webb formula diminish and 
approach experimental values. In the Webb theory, however. the 
solvent i: still regarded as a continuous medium and neither the 
structure of its molecules nor the constilution of the liquid is recko- 
ned with. But these properties may be more signilicant than the 
value of dielectric constant. For example. comparing the dala of 
Tables 3.1 and 3.6. one can see that in alcohols. the dielectric con- 
stant of which is lower than that of water. the heats of solvation 
are approximately the same as for water. In some cases they are even 
higher than the corresponding heats of hydration. 

Thus. the assumption of the exclusive role of dielectric constant 
in the solvation and dissociation of electrolytes does not agree quan- 
litatively with experimental facts. To work out a correct idea of 
these phenomena, one must consider the interaction between the 
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TABLE 3.6 


Solvation Heats of Alkali Metal Halides 
in Nonaqucous Solvents 
ũ— — T — ————— 


Solvent LIC) NaCl NaBr Nal | KI 
CH30H (D = 32.6) 216 189 179 170 = 
C.H;OH (D = 25.2) 217 — 178 169 148 


— — —— — — 


solute and the solvent, i.e., following Mendeleyev, one must view 
the process of electrolytic dissociation not only as the decomposition 
of the initial particles but also as the formation of new ones. Kablu- 
kov was the first to suggest combining Mendeleyev's hydrate theory 
and the Arrhenius theory of electrolytic dissociation. As far back as 
1891 he noted the presence of interaction between the molecules of 
the solvent and those of the solute. as a result of which the bonds 
in the electrolyle molecules are disrupted and complexes are formed 
between individual ions and solvent molecules. This phenomenon 
was later given the name of solvation in general, or hydration in the 
particular case of aqueous solutions. 


3.2.4. MODELISTIC METHODS OF CALCULATING 
HYDRATION ENERGY 


Van Arkel and de Boer's Method. ṣo abandon the continuum 
theory (i.e., the concept of a xoiven! zs a certain continuous and 
homogeneous medium) and consider the interaction between ele- 
cirolyte ions and solvent moiecules, one must have at his disposal 
data on the structure and pro: ‘> ef the molecules of a solvent 
and on the forces responsible for ihe process of solvation (ion-solvent 
inleraction). 

One of the first model methods of caleulating the energy of hydra- 
tion was that proposed by van Arkel and de Doer. They suggested 
separating the energy of hydration into two components, one corre- 
sponding to the energy of formation of the first hydrate shell and 


the other to the subsequent process of hydration. The energy of 
hydration was computed on the basis of the following cycle: 

1. The number of molecules of water (x) required for the formation 
of the primary shell of hydration is evaporated (in agreement with 
the most usual coordination numbers n is taken as equal to 4, 6 or 
8). The amount of energy spent on this process is n&, where 7. is the 
latent heat of evaporation of one molecule of water. 

2. The evaporated n molecules of water react with an ion in the 
gaseous phase to form a hydrated ion of radius rg; the energy y 
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evolved in this process is com posed of the energy of ion-dipole inte- 
raction, the energy of attraction and repulsion of dipoles, the energy 
of producing induced dipoles and finally the Dorn repulsive energy. 
3. The resulting complex of radius ra (ra =r A. 2. where r 
is the crystallographic ionic radius, and 7 the radius of a water 
molecule) is introduced into the solution. The energy evolved is 
calculated from the Born-Webh formula: 
22e? t S 
Te 5] Ga») 
The heat of hydration in terms of a gram-ion is the sum of all the 
partial energy effects. i.c., 


Us Na | ne A (I- ) (3.16) 


This formula provides a hetter agreement with experiment than 
Born's formula. The van Arkel-de Doer method differs from the 
Born method in that the process of hydration is divided into two 
steps. The energy of formation of the primary shell of hydration is 
computed on the basis of the interaction between the gaseous ion 
and the polar water molecules, i.c., the interaction taking place 
outside the liquid phase. This method of calculation permits one to 
lake into account the properties of individual water molecules 
(their dipole moments, polarizability. etc.). Therefore, in considering 
the process of formation of the primary hydration shell. where these 
properties acquire special significance. it is possible lo discard the 
concep: of waler as just a medium of definite dielectric constant. 
Since i5 ihe second step of the cycle an ion, which is already partly 
hydrat. i and has a radius much larger than the radius of the initial 
ion, is ;:troduced into water, an identical error in the determination 
of the radius of the initial ion will be of less significance here. The 
perturb.iions caused by the introduction of such a hydrated ion 
into thi water will be smaller and the concept of water as a continuum 
of deli: tte dielectric constant. and hence the use of formula (3.15). 
appear ‘+ be more justified than in the Born method. Van Arkel 
and de Boer view the water molecule as a sphere with a radius of 
1.25 À and a dipole moment equal to 1.85 debyes. 

The van Arkel-de Boer method has been developed and refined. 
particularly by Mishchenko and his associates. In his works Mish- 
chenko takes into account the asymmetry of a water dipole. i.e.. 
the fact that the positive charge of the molecules of waler is situated 
nearer its periphery than the negative charge. This modified mode] 
of the waler molecule made it possible to consider the difference 
in the hydrophilic capacity of anions and cations of equal dimensions 
and valencies. Further, Mishchenko took into account some additio- 
nal effects that had not been reckoned with by previous investiga- 
tors, for example, the thermal motion of molecules in the hydrate 


6 —0363 
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shell, and dispersion forces. All this made calculations more accurale 
and rigorous. 

The Bernal-Fowler Method and Its Modifications. Another trend 
in theoretical work on heats of hydration was initiated by the inve- 
stigations of Bernal and Fowler concerning the nature of water and 
ice (1935). Water displays a number of anomalies. Some of its pro- 
perties prove to be extremal at a definite temperature. Walter has 
à maximum density at 4°C and the lowest heat capacity at 34.556, 
etc. The density of water at a temperature close to the freezing point 
is higher! than that of ice, the ratio dko Idi] being equal to J. I. 
Altempts were made to explain these anomalous properties of water 
as follows. Water molecules exist in the form of associales of the 
type (H20),, where n may be any integer from ! to 18. With a change 
of temperature (or pressure) the association equilibrium is distur- 
bed, the relative fraction of each of these complexes is altered, and 
as a consequence the properties of the water are changed. Some addi- 
tional considerations have recently been put forward in favour of 
this theory, but the concepts of the quasi-crystalline Slructure of 
water underlying the theory of Bernal and Fowler are now considered 
as more probable, for which reason we shall discuss them in more 
detail. 

The polar nature of the water molecule and its triangular structure 
cause each molecule to exert an orienting effect on ils nearest neigh- 

H 
bours. The angle o< in the water molecule is close 1o the tetra- 
H 

hedral angle and therefore the most probable structure of w 
a tetrahedral one. X-ray and other techniques indicate 
nary pressures and near-freezing temperatures a quasi-erystalline 
Structure similar to the tridymite structure predoini;:ces, With 
increasing temperature the tridymite structure is repictat by an 
irregular analogue of the quartz structure which has a h: density 
than tridymite. The maximum density of water at 4 C i:tributed 
to the superposition of the packing effect (associated x: transfor- 
mation from tridymite to quartz) on the effect of thermal! : Xbension, 
A further rise of temperature disturbs the ordered arr ment of 
the liquid particles and converts the water to an amorrious slate. 
At near-critical temperatures water does not reveal anv signs of 
quasi-crystallinity. However, under ordinary conditions in which 
the heat of hydration is usually determined. the quasi-cry«talline 
Structure must be of great importance to the energetics of the hyiira- 
lion process. This idea. first suggested by Bernal and Fowler. was 
later used by them and by many other authors to compute heats of 
hydration. 


Thus, for example, Eley and Evans 
of the following steps: 


ater is 
‘hat at ordi- 


(1938) used a cycle consisting 
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4. The tetrahedral group of water is taken out of the solution 
into the gas phase. This is achieved at the expense of the energy of 
interaction L. between the tetrahedron molecules and the surrounding 
liquid. The removal of the group leaves a cavity in the solution. 

2. The group is then split in the gas phase into five free water 
molecules. The disruption of the bonds holding together these 
molecules requires energy P. 

3. Four out of the five water molecules formed are joined to the 
free gas ion with the release of energy u associated with the intera- 
clion between the water dipoles and the ion. 

4. Now the group, in which one water molecule is replaced by 
an ion, is lransferred back into the cavity formed in step 1. This 
process may involve evolution or absorption of energy y as a result 
of the reorientation of the water molecules in the layer adjacent to 
the group. This is caused by a change in the size of the group and 
by the reorientation of its molecules as well as by the interaction 
between the group and the surrounding molecules. This interaction 
is now of a different nature due to the appearance of a net charge. 

5. The water molecule is returned to the solution with the libe- 
ration of energy 4. 

According to Eley and Evans the hydration energy is determined 
from the following formula: 


Un = Na (—L.—Bo-2—v0-À (3.17) 


Some of the quantities in Eq. (3.17) are independent of the nature 
of the ion and can be computed in advance. For instance, one can 
calculate the energy of dissociation f of the tetrahedron into five 
free molecules. If all the coulombic effects are taken into account. 
this energy is 21 kcal/mole after Eley ond Evans. The heat of con- 
densation .V,7. of one gram-molecule of water is equal to 10 kcal. 
The value of a is determined in the same manner as f. with account 
taken of coulombic forces of interaction between the water dipoles 
and betwcer these dipoles and an ion of a given charge and radius. 
The values of y and L, are not determined separately, but their 
difference can be computed. In calculations. the difference in the 
dimensions of the formed and initial tetrahedra is ignored. When 
one water «.olecule is replaced by an ion in the tetrahedron. four 
molecules of water are reoriented around the ion introduced. The 
forces of interaction between the reoriented water molecules and 
the water molecules which surround them but are not part of the 
tetrahedror will be different from the forces observed for the origi- 
nal group. The change of the interaction energy is denoted by ö. 
When the charged tetrahedron is transferred back into the solution. 
an energy is produced that is given by the Born formula: 


28 (- 
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and so A 
EX i 
The overall value of hydration energy for a gram-ion is 
2e 1 L N = * 
Uy Na S (1 —5 + Nan—N,5—21 10 (3.18) 


For negative univalent ions V,6 = 20 kcal, and for positive uni- 
valent ions V5 = 8 kcal. i. e., for A- anions 


z 2 1 : 2 
Us Na (1 ) * X42 31 dum 
and for M* cations 
22 1 
UA = Va tr (1 —) +tNan—19 (3.20) 


The Eley-Evans method assumes the hydrophilic Capacily of cati- 
ons and anions to be equal and takes inlo account only the coulom- 
bic forces of interaction between electrolyte ions and water dipoles. 
Besides, the quantitative treatment in their method is based solely 
on the coordination number 4, which narrows the range of its appli- 
cability. 


3.2.5. COMPARISON OF THE HYDRATION ENERGIES 
OF INDIVIDUAL IONS, CHEMICAL AND REAL 
HYDRATION ENERGIES 


Now that we are acquainted with the principal c. pating techni- 
ques employed in the study of the energelies of the ky ira ion process, 
it is interesting to compare the results obtained v. ‘he aid of these 
methods. This comparison helps, in the lirst Place, iu judge about 
tho values of heats and energies of hydration and. secondly. to see 
how well the data of various authors agree. The vb of the heals 
and energies of hydration obtained by the method: cribed above 
are presented in Tables 3.7 and 3.8. respectively. The results of 
calculations made by other methods are also included Tor compari- 
son. In the Fajans method. use is made of cycles iavolving the appli- 
cation of hydrogen and polassium-amalgam electrodes. and the heats 
of hydration are calculated accordingly for the proton and the polas- 
sium ion. Combining the thus obtained values with experimental 
heats of hydration of electrolytes enables one to find heats of hydra- 
lion for any other ions. Though in this case use is made of the so- 
called Ostwald “absolute” scale of potentials, which cannot be regarded 
as scientifically founded. the data obtained by Fajans present 
certain interest as the first results of theoretical calculation of 
hydration heats. 
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In using Tables 3.7 and 3.8 on 
authors made strict distinction 
ration. The values of hydration | 
sponding to ch 


€ should remember that not all 
between heats and energies of hyd- 
ance iof heats therefore included terms corre- 
anges in Ireo energy, and those of hydration energies 
TABLE 3.7 
Chemical Heats of Hydration for Individual Ions 
mm!!! E E o 
Qh ceh) An (eh). kcal/g-ion 


Ton . A Van 
FajJans Arkel Bernal Eley and A group 
aJans n 

0 557 Fowler Evans Mm e 
x ESI 
Br- 73 = 63 52 76 m 
M — — 410 428 386 — 
zd? = — — 433 439 — 
ud VC 
615 | — — 79 73 m = 
u* = — — 526 509 — 
F- 123 — 4 91 116 — 
mn — — — 48⁵ 467 — 
i E — — — 1131 — 
E 255 259 — — = = 
gi* = — — 412 443 — 
l- i 03 — 48 45 67 66 
K i 77 — 92 a 78 
ait — — — 96 — 
Li* l 131 161 131 133 127 125 
Mg?* — — 495 501 467 — 
Mn?» | — — — 461 449 — 
Na* 97 97 116 115 101 98 
D a oes eal (mal eel E 
2 : EM = = — 62 il 
Rb“ log. 73 — 87 8t 15 — 
Zn?* | = — — 485 496 - 


vs 


included thermal effects. The most exhaustive distinction between 
heats and energies of hydralion was drawn by Eley and Evans, 
Izmailov aud a group of authors including Vasilyev, Zolotarev, 
Kapustinsky. Mishchenko, Podgornaya, and Yatsimirsky (1960). 

As first noted by Lange and Mishchenko (1930), all the known 
methods oi calculating ionic heats and energies of hydration ignore 
the electrical work done by an ion in traversing the vacuum-solution 
interface. In calculations, account is taken of only the ion-solvent 
interaction; the calculated energies and heats of hydration thus obtai- 
ned were named by these authors the chemical energies and heats 
of hydration. If the charge of a gram-ion is zF and the potential 
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TABLE 3.8 
Chemical Energics of Hydration for Individual Ions 


SSS — 
Uh (ch) = —AG (ch). Kcal/g-ion 
— ͤ äĩ— 


Ion r. A 
Bora and | A group l Izmailov 


‘ebb of authors 
Ag+ 1.13 95.5 113 112 
Al3+ 0.57 — 1094 — 
Br- 1.96 66 72 68.0 
Ca? 1.0⁴ — 373 372.4 
Cd?* 0.99 — 425 430.0 
cl- [.8t 70 79 74.0 
Co?* 0.78 — 480 -— 
Cs* 1.65 71.5 66 64.0 
Cu** 0.80 — 491 — 
F- 1.33 87 107 — 
Fe?* 0.80 — 448 — 
H+ 0.00 250 — 258.0 
Hg?* 1.12 — 431 l — 
I 2.20 61 64 59 
K* 1.33 82 79 78 
Las r 1.04 — 774 ! 
Li* 0.68 — 121 : 17 
Na* 0.98 99 | 7 ] 9 
Ni?* 0.74 — 491 i - 
Pb?* 1.26 — 353 i — 
Rb* 1.49 77 74 | 74.4 
Zn?* 0.83 — 479 I 4972.0 

— SS oe 


jump across the vacuum-solvent interface is represenicd by z. then 
the electrical work involved in traversing this interface will be 


zF% (3.21) 


Al the same timo the experimental data on the heals and energies 
of hydration of ions include electrical terms. It should be noted that 
tho presence of a potential jump % and the associated electrical 
energy of ion transfer does not affect the energy of hydration of an 
rlectrolyto as a whole since the law of electroneutrality holds for 


any electrolyte: 
TV. 2. = 0 


ZvzFx —0 

The heats and energies of hydration which include the energy 
change on passage of an ion across the potential difference x were 
named, respectively. the real heats and energies of hydration as sug- 
gested by Lange and Mishchenko. The real and chemical energies of 
hydration are connected by the following rclation 
AGy = AG, (cn) zt zFy (3.22) 


4nd, consequently, 
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An analogous equation $ is used to interrelate che real and chemical 
heats of hydration: 


AH ry = AK nen f V (3.23) 


The chemicalzheals AH, and chemical energies AG, are given 
in Tables 3.7 and 3.8. 

A comparison of the values of chemical heats of hydration M, 
and chemical energies of hydration AG, shows that the difference 
between them is not great. For each particular ion the difference 
between the heat and the energy of hydration is smaller than that 
between the values of AH, or AG, obtained by different authors. 
Since 


AH, = AG, + TAS, 
the closeness of the values of AH, and AG, for a given electrolyte 
implies that the entropies of hydration AS, are small. 
TABLE 3.9 
Real Energies of Hydration for Individual Ions 


Uh (p) = —4Gp (e). kcal/g-Ion 


Ton r. * 
Ee. | Mlshchenko Randles 

** 1.13 124 114 = 
run 1.96 — 64.3 64.9 
Cae 1.04 — 378.3 = 
p 0.99 439 433 — 
D 1.81 — 70 70.7 

1.65 — 68.3 67.5 

0.80 519 — — 

1.33 — 98.2 99.1 
DU 0.80 415 — — 
XE 0.00 — 261 260.5 
tete 1.12 499 — zm 
E 2.20 — 56.2 57.2 
* * 1.33 92 $1.2 80.6 
1755 0.68 127 121.4 122.4 
Mutt 0.74 425 458.6 — 
nz! 0.91 452 — — 
Mat 0.98 101 98.8 98.2 
Niet 0.74 501 — — 
Rb” 1.49 83 77.5 75.5 
Zr 0.33 491 487 — 


— UU—ꝛ—U—U'd . —. — —?ö—— — — — 


A method for calculating real energies of hydration with the use 
of experimental data on the electromotive force was first indicated 


v [n Eqs. (3.22) and (3.23) the plus sign refers to anions, and the minus sign 
Lo cations. 
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by Frumkin and subsequently employed by a number of authors. 
Table 3.9 lists the values of real hydration energy for some ions 
obtained by various investigators. 

For each particular electrolyte the sum of the chemical heats or 
chemical energies of hydration of ions must equal the sum of the 
real heats or real energies of hydration of the same ions and express 
the overall heat or energy of hydration of the substance in question. 
A comparison of the data of Table 3.1 with those presented in Tab- 
les 3.7, 3.8 and 3.9 will show that this condition is nol observed with 
sufficient consistency. The discrepancy between theory and experi- 
ment is largely due to the fact that different authors used different 
thermochemical data for calculations. Recent results show better 
agreement. This permits one to consider the heals of hydration 
AH, and the energies of hydration AG, as more or less reliable cha- 
racteristics of the energy slate of ions in aqueous solutions. 

The differences in the chemical and real energies of hydration of 
ions make it possible to estimale the value of the potential difference 
X across the vacuum-solution interface. According to Frumkin (in 
his opinion the data of Randles (1956) on real energies of hydration 
and Izmailov's data on chemical energies of hydration are the most 


reliable), the value of potential diflerence 7:9 must be close to 
+0.1 V. 


3.2.6. ENTROPY OF SOLVATION 


As shown above, the dissolution of substances d 
ions increases the degree of ordering of a solvent. TH 
for instance, in the decrease of the dielectric con oi the solution 
with increasing electrolyte concentration. The ori iness js a result 
of the interaction belween solvent particles and cler: ralyte ions and 
must increase with the heat of solvation. The entr characterizes 
the degree of disorder in a system. The entropy of suivetion is there- 
fore always negative; the more exothermic ix the reaction of solva- 
tion, the higher is the entropy in absolute value. 

The standard entropy of solvation is defined as the difference in the 
entropies of an ion in solution and in vacuum: 


ASS = S}, — SY 


The reference or standard state is taken to be a gas at 25 C and a pressu- 
re of 1 alm or a solution at 25°C and unit ionic activity. Experi- 
ment can only yield the total entropy of solvalion of an electrolyte. 
To compute the solvation entropy of individual ions, one has to re- 
Sort Lo various assumptions as was done in caleulating individual 
heats of solvation. 


Table 3.10 gives the values of individual enlropies of hydration 
obtained by Eley and Evans. 


issoclaling into 
is manifested, 


a 
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TABLE 3.10 
Entropies of ILydration of Individual Ions 
— — —— ' . — — — 
Ion 1. A i | 8g. 
E cal/g-lon-?C fl cal;g-Lon. °C 


—A8,. ! Ion 7. A 
| 
[ 


1 
Li* 0.86 1.) Al- 0.57 104.1 
Nat 0.98 28:3 F. 1.33 35.2 
K+ 1.33 21.8 + Cle 1.81 24.2 
Caz 0.99 63.8 i Br- 1:96 15.4 
Fes · 0.80 69.7 I 2.20 8•8 


MOTEL wcpa men: Exe ET ESOS 

From Table 3.10 it follows that the entropies of hydration are 
small in magnitude and increase with decreasing ionic radius and 
increasing ionic charge. 


3.2,7. HYDRATION NUMBERS 


As a result of the process of solvation, the solution must contain 
ions with a solvent sheath rather than free ions. Bockris and Conway 
(1954) distinguish between the primary and the secondary solvent 
sheath (or shell). The former includes solvent molecules strongly 
bound with an ion and moving together with it, and the latter all 
the water molecules the stale of which is different from that of water 
molecules is a pure solvent. For many electrochemical processes 
it is imperlant to know how many solvent molecules are inside the 
‘ont shell and could therefore be considered participants 


primary : 
in the soivstion of the ion. This number is termed the solvation 
number or hydration number ny when water is the solvent. 


These are :rlative values which provide only approximale informa- 
lion as (¢ the number of water molecules contained in the internal 
layer. Difiercnt methods yield widely differing hydration numbers. 
In the Ulich method the formation of the primary hydrate shell 
is assumed to be similar to the freezing of water. This conception is 
shared by many other authors. Eley and Evans, for example. compa- 
re the solvent layer with a microscopic iceberg formed around a so- 
lute particle. Since the decrease of entropy on freezing of water is 


6 cal/mole-deg, the hydration number is 


(3.24) 


Another method is based on the variation of the dielectric con- 
stant of the solution with electrolyte concentration. This variation 
can be described by the equation 


D = De- (ô+ + 8-)¢ (3.25) 
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where D = dielectric constant of solution 
Do = dielectric constant of solvent 
ô+ and ô_ = positive coefficients for cations and anions. 
Assuming that the solvent molecules forming the primary shell 
of hydration around the ion do not participate in the processes of 
orientalion and polarization, i.e., in the formation of the dielectric 
constant, we may write: 


D = D,— 4000 c Do (O, . b.) e (3.26) 
where 2, = minimum number of molecules 
tion sheath 
Mw = molecular weight of water. 

The sum of the coefficients + and ô_ is found ex 
for the range of concentrations where the line 
lectric constant on concentration is preserved. 
inlo its components in accordance with the n 
cations and anions on the rotation 
in the primary shell of hydration. 

Hydration numbers can also be determined by measuring the 
compressibility of the water and the solution. The compressibility 
for the first layer must be lower than for the remaining part of the 
solvent. Having determined the compressibilities by the ultrasonic 
method (from the velocity of propagation of ultrasonic waves in 
the solution) and assuming that the compressibility of the primary 
shell of hydration is zero and thal the I7 and Br- ions are completely 
devoid of a primary hydration shell, Passynsky eemputed hydration 
numbers for a number of ions. 

A comparison of the hydration numbers ob! 
methods indicated above is made in Table 3.14. 


in the primary hydra- 


perimentally 
ar dependence of die- 
This sum is resolved 
alure of the influence of 
al motion of the water molecules 


red by the three 
Though the results 
TABLE 3.11 


The Hydration Numbers of Individual Tons Determined 
y Different Methods 


After Passynsky 12 5⸗6 | G7 ate 


Method TCC 
H+ Lit | Na*| Ke pret Ald | F- | Cl- | Br- | 1- 
Dy Eq. (3.24) 5 5 43 m 21 1 5 | 3 | 2 | 1 
By Eq. (3.26) 10.51 6 4 4 116.5; — | — — E aoe 
1 31 | 2 | 1 | 0 | 0 

| 


obtained by these methods 
that hydration numbers in 
increasing ionic charge. 


are far from uniform. they all indicate 
crease with decreasing ionic radius and 
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3.2.8. IIEATS AND ENERGIES OF SOLVATION 
OF ELECTROLYTES IN NONAQUEOUS SOLUTIONS 


‘The energetics of the process of solvation of electrolytes for nona- 
queous solvents has been little studied. There is only a limited amount 
of reliable data, including the values of heats and energies of sol- 
valion for a number of electrolytes obtained by Mishchenko and 
Izmailov. 

The theory of calculation of the solvation energy for individual 
ions in the case of nonaqueous solutions has nol yet been worked 
out. Attempts to apply modelistic methods similar to those used for 
computing hydration energies have failed. It appears that individual 
energies of solvation calculated in this way are entirely incompatible 
with experimental total solvation energies. In practice the overall 
values of solvation energy can be resolved into separate values for 
the component ions by using the semi-empirical methods of Mish- 
chenko and Izmailov. 

The Mishchenko method is based on the assumption that in all 
solvents anions are solvated stronger than cations of equal radius and 
valency. This is Mishchenko's principle of constancy of the ratio 
of solvation energies (or heats) of anions and cations for all solvents. 
It is known that the higher hydrophilic capacity of anions compared 
wilh cations is due to the asymmetry in the structure of waler mole- 
cules. The assumption made by Mishchenko may be valid only for 
solvents ie molecules of which have a structure similar to that of 
water mcíecules. 

Izmailo: s method based on the experimentally established dec- 
rease of sslvation energy with increase of ionic radius seems to be 
more sub antiated. True, in the case of nonaqueous solutions both 
these me:hods yield close values of empirical individual energies 
and heais of solvation. This can be seen from Table 3.12 which pre- 
sents empirical chemical heats and energies of hydration of indivi- 
dual ions ior some solvents as determined by the methods of Mish- 
chenko aud Izmailov. 

From Table 3.12 it is seen that the chemical energy of ion solvation 
decreases in the sequence: water, methanol, ethanol. For liquid 
ammonia. the energies of solvation of cations appear to be higher. 
and those of anions lower, than the respective energies of hydration: 
the reverse is true for formic acid. A comparison of the heals and 
energies of solvation obtained by one and the same method reveals 
that the difference AHs — AGs increases in the order: water. met- 
hanol. ethanol. This increase is associated with the decrease of sol- 
zen energy and the increase of solvation heat in the same order. 
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the regularity observed should be attributed to the greater variation 
of the solvation entropy of alcohols. Since the entropy of solvation is 
always negative, the effect of ordering must be stronger in alcohols 
than in waler when solvation sheaths are formed around the ions. 

It follows from Table 3.12 that the heats (and especially the ener- 
gies) of solvation vary only slightly from solvent lo solvent, though 
their dielectric constants differ sharply. Considering the lack of 
well-defined dependence of solvation energies on the dielectric con- 
stant and molecular structure of a solvent, Izmailov came to the 
conclusion that the process of solvation must be based on factors 
other than those adopled by the existing modelistic methods of 
calculation. In this connection, mention must be made of the theory 
of electrolytic solutions developed by Samoilov (1957) and based 
on Frenkels molecular-kinetie theory of liquids and Bernal and 
Fowler’s theory of water structure. Following Mishchenko. Samoilov 
defines solvation as the sum of all the changes in the slate of the 
solution caused by the electrolyte ions that appear in it. According 
lo Samoilov. these changes are caused by the interaction of 
electrolyte ions with their immediate environment and also 
by the influence of the ions upon further removed water layers. 
Long-range interaction is based on the polarization of water layers 
under the influence of an electric field. Short-range interaction is 
associaled with the change of the nature of thermal motion of solvent 
molecules iid jacent to the ion. It manifests itself mainly in a change 
of translational motion, i.e., in a change of the conditions of the 
jumpwise ift of molecules from one position of equilibrium to the 
next. In this case the ions influence mainly the activation energy 
of translational motion, Ua. This effect is characterized by the quan- 
tity AU.. i... the change of activation energy as a result of the 
appearaiz of electrolyte ions in the solvent. The quantity AC, 
depends «2: the nature of ions; it may be either positive or negative. 
In the forser case the introduction of ions hampers the exchange 
between iu^ water molecules adjoining them and those of the next 
layer. as compared with exchange in pure water (so-called positive 
hydration’. [n the second case exchange is facilitated (so-called 
negative hidration). Negative hydration is displayed, for example. 
by the ions Kt. Rb* and Cs“. Thus. according to Samoilov's concep- 
Lion the formation of strong hydration shells does not play the prin- 
cipal parl in the process of hydration. While moving. ions posses- 
sing negative hydration do not entrain the surrounding water mole- 
cules. Ions with positive hydration, for example. Bes“ and Mg?*. 
move together with the first layer, in which translational motion 
is strongly suppressed. 

The Samoilov theory enables one to interpret correctly the diffu- 
sion of ions in solutions and to estimate the change of the activity 
coeficfienls of water in the presence of different electrolytes. With 
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the aid of some additional assumptions Samoilov also determined 
the coordination numbers of a series of hydrated ions in dilute aqueous 
solutions. The activation energy U, characterizes the change in the 
State of water (or any other solvent) due to the introduction of cle- 
ctrolyte ions, rather than the change in the energy properties of ions. 
When developed further, Samoilov's theory will probably be able 
to characterize also the change of the energetic properties of ions 
in the course of solvation. 


3.3. EFFECT(OF SOLVATION ON ACTIVITY 
COEFFICIENTS 


In electrolyte solutions ions exist nol as free but as solvated par- 
ticles surrounded by solvent molecules. The departure of the beha- 
viour of electrolytic solutions from ideal systems, and hence the 
values of activity coefficients reflecting this departure, must there- 
fore depend not only on the ion-ion interaction but on the ion-sol- 
vent interaction as well. A theory of electrolytic solutions taking 
into account both these factors has not yet been developed, but some 
interesting attempts along this line have already been undertaken. 
For example, Robinson and Stokes (1949) maintain that all the 
approximations of the Debye-Hiickel theory including the equation 


h Ys 


las fa Ta 


(3.27) 
yield the activity coefficients not of free but of solvated ions. Empi- 
rical activity coefficients refer only to ihe ionic interaction of unsol- 
valed ions. The connection thal exists between the activity coeffi- 
cients of solvated and unsolvated ions (f° and f. respectively) can be 
found, taking into account that the chemical potential of a solution 
does not depend on whether the ions are in the hydrated or in the 
unhydrated state. Conversely, the chemical potentials of the solvent 
and the solute will be different in these cases. If n is taken to denote 
the number of gram-molecules of che solvent used to solvate v gram- 
molecules of the solute, then, according to Robinson and Stokes, the 
following equation will result 


log yf. = log mfa -- log a, + log [1 -＋ O. 001 M (-n) m] (3.28) 


which interrelates the mean activity coefficients of hydrated (/) 
and unhydrated (F) ions. The mean activity coefficient xfa in ex- 
pression (3.28) is a rational coefficient. and the mean activity coeffi- 
cient mfa is based on the molality scale; m is the molality of the 
solute; F is the molecular weight of the solvent, and ay is ils 
activity. Substituting into Eq. (3.28) the value of log afa from 
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(3.27) and solving the resulting equation for log /, we get: 


- 
log / = -r — log ay, — log (1 -+ 0.0014 ;, (v — n) m) (3.29} 


Equation (3.29) differs from the corresponding equation of the 
second approximation in the Debye-Hückel theory in that it contains 
correclions for ion solvation. If the process of solvation is ignored. 
then the hydration number z will be equal to zero, the second term 
on the right-hand side of Eq. (2.29) will also vanish, and the third 
term will reduce to log (1 + 0.001 M. vm), which corresponds lo 
the coefficient of conversion of the rational activity coefficients / 
to the activity coefficients mf. 

Equation (3.29) includes two empirical constants a and nm. the 
former corresponding in its physical meaning to the shortest possible 
distance between the hydrated ions and the latter to the hydration 
number of the electrolyte. Formula (3.28) of the Debye-Hlückel 
ion-finite-size model was derived assuming that the dielectric con- 
stants of the solution and solvent are equal; this assumption con- 
tradicls reality. In deriving Ed. (3.29) this assumption is preserved, 
but in this case it is more justified since the greatest change of the 
dielectric constant is confined to the primary shell of hydration. 
which is now viewed as an integral part of the solute. 

In calculations by Eq. (3.28) experimental hydration numbers 
can be used; the equation will then contain only one arbitrary con- 
stant. The best agreement with experiment is however obtained for 
other values of n that are not always consistent with n, values. An 
explanation of this inconsistency was given by Robinson and Stokes, 
who found a relation between a and n which reduced the number 
of arbitrary parameters lo a single one. The values of a and n 
are available in the form of tables compiled by Robinson and 
Stokes. 

Equation (3.29) provides good agreement with experiment up to 
high concentrations and can therefore be used to compute activity 
coefficienls. 

The Robinson-Stokes formula was refined by Izmailov and cowor- 
kers (1955-57) who reckoned with the possibility of incomplete dis- 
sociation and ionic association and obtained a better fit. between 
theory and experiment (for nonaqueous solutions as well). Using 
the theory of hydration developed by Samoilov, Solovkin (1961) 
derived an equation for aclivity coefficients in which account was 
taken of ion-solvent interaction. This equation agrees well with data 
for 1:1-valent electrolytes. 


96 Part One. Equilibrium in Electrolyte Solutions 


3.4. THE PROTOLYTIC THEORY OF ACIDS AND BASES 
3.4.1. BRONSTED's THEORY 


As is well known, the Arrhenius theory gave rise to dualistic con- 
cepts of the nature of acids and bases, according to which the hydro- 
gen ion (proton) is responsible for acidic properties and the hydroxyl 
ion for basic properties. According to this classical view, acids are 
substances which dissociate in waler to give hydrogen ions, and bases 
are substances which dissociate to give hydroxyl ions. Hydrogen 
ions are looked upon as carriers of the catalytic properties of acids, 
and hydroxyl ions as those of bases. Catalytic activily is considered 
as one of the most important characteristics of acids and bases. The 
measurement of the rate of catalylic reactions, say, the reaction of 
muLarolalion of glucose, i.e.. transformation of «-gluco:e into an 
equilibrium mixture of a- and B-glucose 


a-glucose = - glucose -+ ß- glucose 


was even employed to determine the hydrogen ion concentration. 

Numerous studies have however demonstrated that not only hyd- 
rogen or hydroxyl ions are capable of catalytic action. Unionized 
acids and bases, acid anions, aniline derivatives and other substances 
can also function as catalysts. Thus, if catalytic activity is taken to 
be a characteristic feature of an acid or a base. the definition of these 
concepts must Lhen be revised. Hydrogen and hydroxyl ions cannot 
be regarded as the only carriers of acidic and basic properties. 

A revision of Arrhenius's concept of acids and bases was also neces- 
sitaled by the discovery of the phenomenon of ion solvation, especial- 
ly when the energy effects involved in this process became known. 
indeed. the chemical energy of hydration of the hydrogen ion is 
about 260 kcal/g-ion, of which 160 Lo 180 keal is evolved when a hyd- 
ronium ion is formed: 


u 


H+ 4- M0 = ILO” 
Since 
—AG = RT In K (3.30) 
where K is the equilibrium constant of the reaction resulting in a hyd- 
ronium ion: 


* = LO 
?iidino 
then, judging by the value of the free energy AG, the ratio of the 


activities of hydronium ions and free hydrogen ions at ordinary 
temperatures must be of the order of 


TOt 40m0 
an+ 
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Thus. there are practically no free hydrogen ions in aqueous soluti- 
ons, and therefore they cannot be responsible for acidic properties. 

A theory of acids and bases that contradicts neither the fact. of 
hydration nor the present-day evidence concerning acid-base cataly- 
sis was proposed independently in 1923 by Lowry. Bronsted and 
Lewis. The most weighty contribution to this theory was made by 
Brénsted, for which reason it is called Hrönsted's theory. 

According to Bronsted, an acid is defined as a substance that can, 
in given conditions, donate a proton (a proton-donor) and a base as 
a substance that can accept a proton (a proton-acceptor): 


acid = base + proton (3.34) 


Brónsted's definition of acids and bases rests upon their attitude to 
the proton. The theory is therefore also known as the protolytic 
theory of acids and bases. 

According to the protolytic theory the ability of a substance to 
behave either as an acid or as a base depends on the particular con- 
ditions of its existence. Under suitable circumstances a substance 
may act either as a proton-donor, i.e.. be an acid, or as a proton- 
acceptor, i.e., be a base. If a particle loses its proton. that is, exhi- 
biis the properties of an acid, the proton must inevitably be accepted 
by another particle, which will thus play the part of a base. Since 
this reaction is reversible to some degree or another, the deprotonated 
particle must possess certain basic properties. It can take the proton 
back from the particle that has gained it, in which case the latter 
particle will possess acidic properties. As there are no free protons in 
solutions, two acid-base pairs must participate in a prolon-transfer 
reaction (acid-base equilibrium): 

acid, + base» = base, + acid; (3.32) 
This general equation of the acid-base equilibrium resembles the 
equation of the redox reaction: 

reductant, T oxidant, = oxidant, + reductantz 
where the oxidation-reduction properties are associated with the 
ability of substances to lose or gain an electron. For example. in the 
reaction 
Cut ＋ Fes! = Cu?* + Fe?* 

the clectron is transferred from the cuprous ions to the ferric ions. 
The ions of univalent copper will therefore function as reducing 
agents, and those of trivalent iron as oxidizing agents. Owing to 
the reversibility of the reaction, the electrons may move from the 
ferrous to the cupric ions; in this case the ions of bivalent iron will 
act as reducing agents and those of bivalent copper as oxidizing 
agents. 
7—0363 
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Two acid-base pairs participating in the equilibrium are called 
conjugate. The Brónsted definition of acids and bases and also of 
conjugate acid-base pairs can be illustrated by the following proton- 
transfer (or acid-base) reactions: 


acid, -- base; = base, F acid; 
ICI + HO = Cl- + H,0+ 
HO + NH; = OH- -- NHZ 
HCl + NH, = CI- + NHt 

1130* -+ OH- = HO + IIO 


According to Brönsted's theory undissociated molecules (e.g, 
HCl and NIIS), and positive and negative ions (c.g.. NII and Cl-) 
may behave as an acid or as a base. 

Thus, "acid" and "base" are relative concepls which are valid 
under particular conditions. The same substance may behave either 
as an acid or as a base depending on the nature of the solvent. For 
inslance, water acts as an acid in liquid ammonia and as a base 
in an aqueous solution of hydrogen chloride. ‘The relative strengths 
of acids and bases are also dependent on the nature of the solvent, 
If, say, acetic acid is used as a solvent instead of water (the basic 
properties of acetic acid being less pronounced com pared with water), 
mineral acids which are completely dissocialed in aqueous solutions, 
will prove weak electrolytes in acetic acid. Their dissociation in ace- 
lic acid 


li 


HA + CH,COOH = A- CII,COOHS 
acid, + base» = base, -}- acid. 


will be incomplete, and the dissociation constant will depend on 
the nature of the acid. In acetic acid as solvent, thc strength of mine- 
ral acids decreases in the order: 


HCIO, > HI > HSO, > HCl > HNO; 


Conversely, in liquid ammonia. which is à stronger base than 
waler, even weak acids, e.g. acelic acid. appear to be practically 
completely dissociated: 


CHCOOH + NH, = CH4COO- -- NH? 
acid, -+ bases = base, -> acida 


Acelic acid is said Lo be a differentiating. and ammonia a levelling 
solvent with respect to acids. Their eflect on the dissociation of 
bases will be reverse. In aprotic solvents, which can neither donate 
nor accept a proton. say. in benzene, acids and bases will be in the 
undissociated state. If, however, they are present together, an acid- 
base interaction may occur between (bom. 
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3.4.2. BRONSTED'S EQUATION 


By making use of the protolytic theory of acids and bases one can 
arrive al a salisfactory interpretation of the basic regularities of 
acid-base catalysis. The catalytic effect of an acid is explained by 
the fact that it is capable of donating its proton toa substance under- 
going a chemical change. How readily an acid gives up its proton 
can be judged by the value of the protolysis constant which is asso- 
ciated with the ionization (or dissociation) constant of the acid. If we 
denote an acid by A, its conjugate base by B. and the solvent by L, 
then the protolytic reaction can be written as follows: 


ALL=B+L’ (3.33) 


where L’ is the deprotonated (acidic) form of the solvent, correspon- 


ding to its protonated (basic) form L. 
The protolysis constant of the acid A should therefore be repre- 


sented as 


„ Spel: 
K = nc (3.34) 
Assuming that c; = const, we obtain the ionization constant: 
fne " 
K = m (3.35) 


Since the rate of a catalytic reaction depends on how readily an 
acid donates ils proton, i.e.. on its strength. then for a series of 
various acids used as catalysts there must exist a relationship bet- 
ween the acid's dissociation constant K A and the rate constant &4 
of the reaction being catalyzed. This relationship was ex pressed 
by Bronsted in the form 


ka = const KX (3.36) 


where « is an arbitrary factor ranging from 0 to 1; Eq. (3.36) is valid 
also lor reactions catalyzed by bases, i. e., 


ky = const K 5 (3.37) 


where ky =: rate constant of the reaction catalyzed by bases 
An = ionization (protonation) constant of conjugate base. 
Equations (3.36) and (3.37) are well justified in practice. These 
equations, known as Brónsted's equations, are of much interest. They 
establish a relation between the thermodynamic (equilibrium con- 
stants Ka or Kp) and kinetic (rate constants ka or kp) characteri- 

slics of a reaction. 

On the basis of. Brónsted's equations it can be concluded that the 
change of activalion energy in a series of similar reactions must 
70 
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occur in parallel with the change of the free energy. Indecd, for the 
reactions concerned 


—AG = RT In K 
and at the same time the rate constant of the reaction catalyzed is 
exponentially related to its energy of activation 
— u 
k — const et^ 
0¹ 
—u, = const + RT ln k 


For two acids used to catalyze the same reaction we can write 
— AG, = RT ln Kg, 
— AG; = RT In Ka, 
and 
— ua = const + AT In ky, 
— Ue, = const + RT Inky, 
Taking into account Eq. (3.36), we get 
Au, = aA (AG) (3.38) 
thal is, the change in activation energy constitutes a certain fraction 
of the free-energy change. 
As an approximation, the free-energy change may be replaced by 
H: 


Au, = aA (Al) 
or by the thermal effect of the reaction at constant pressure: 
Au, = — «AQ, 


From the latter equation it follows that an increase of the thermal 
effect in a series of similar reactions lowers the energy of activation. 

Brönsted's theory is an important step forward as compared with 
the theories of acids and bases proposed earlier (the ionic theory, the 
chemical theory of Hantzsch, elc.). But even this theory is not free 
from shortcomings and does not reflect all the specific features of 
acid-base interaction. 


PART TWO 
Nonequilibrium Phenomena 


In Electrolytic Solutions 
7 eee 


An electrolytic solution is at equilibrium it 1n all its parts suffi- 
cienlly large as compared with ionic dimensions all the intensive 
variables are of the same value. The condition for an equilibrium 
to be attained is the absence of gradients in intensive variables. 
This condition implies the following: 

(1) the temperature of the solution is equal at all points (7 — 
= const, dT/dz = 0); 

(2) the pressure (or the density of the solution) is the same (P = 
— const. dP/dz — 0); 

(3) there is no potential difference between various parts of the 
solutions (b = const, du/dz = 0); 

(4) the chemical potential is the same in various parts of the solu- 
tion (u = const, du/dz = 0) or, taking into account that p is a fun- 
ction of activity (concentration), a = const, da/dz = O or c = const, 
deldx = 0. 

If even one of these conditions is uot observed, processes of ther- 
mal diffusion. overflow, electrical conduction or molecular diffu- 
sion will occur in the system, as a result of which the corresponding 
gradient disappears and equilibrium sets in. In tho case of electrical 
conduction the driving force is the electric potential gradient dy/dx; 
the driving force for molecular diffusion is the gradient of chemical 
potential or, roughly speaking, the concentration gradient de/ dx. 
Since it is ions, i.c., charged particles whoso velocities are not equal, 
that diffuse in electrolytic solutions, diffusion in this case occurs 
under the combined effect of the concentration and potential gradi- 
ents. In this respect diffusion is a more complicated process than 


electrical conduction. 


CHAPTER 4 


Electrical Conductance of Electrolytic 
Solutions 


4.1. BASIC CONCEPTS 


The ionic conduction in an electrolyte is expressed either 
specific conductance, or conductivity x, or as the 
conductance 49. 

The specific conductance. or conductivity, 
conduction in an electrolyte layer pl 
faces of a cube with 1-cm ed 
resistance (resistivity) p: 


as the 
equivalent (or molar) 


corresponds to the 
aced between two opposite 
ges. It is the reciprocal of the specific 


1 
x= — 
p 


The equivalent (or molar) conductance is defined as the conduclan- 
ce of an electrolyte layer of thickness 1 em placed between two iden- 
tical electrodes of an area such that the volume of the electrolyte 
between them contains one gram-equivalent (or 1 g-mole) of solute. 
The equivalent and specific conductances are interrelated as follows: 


A= 


x 


or A (4.1) 


where c — concentration of electrolyte. g-eq/ml (or 
V = volume of electrolyte. ml. containing. 
tration. 1 g-eq (or 1 mole) of solute. 
Electrolytes are second-class conductors in which an electric cur- 
rent is transported by ions; the conductance of electrolytes is there- 
fore a function of ionic charge, the velocity of ions, elc. 
Suppose that an electrolyte solution of a cross-sectional area e 
to Q is placed between two electrodes (Fig. 
the distance between two points of the e 
vicinity of the electrode surfaces is J. and the potential drop on this 
inlerval / is equal to Ap. Then, there must exist an electric field 
gradient u' in the electrolytic solution: 


mole/ml) 
ab a given concen- 


qual 
4.1). Assume that 
lectrolyte in the immediate 


dr mE (4.2) 


D The terms specific conductivity and equivalent (molar) conductivity are alsc 
occasionally used in Lhe literature 
Ty 


(e.g., J.O'M. Bockris and A. K. N. Reddy. 
Modern Electrochemistry). — T. 
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If the charge on the ith ion is 9, this ion will be acled upon by an 


electric force Ji: 
Yi = ib (4.3) 


Under the action of this force the ion moves with a certain velo- 
city c, in a direction parallel to the electric field. Since the ions 


Fig. 4.1. The passage of electric current through electrolyte solutions (sche- 
matic) 


migrale in a medium of finite viscosity. there must inevitably 
arise a frictional force „% given by 

Ha = Ki. (4.4) 
where „, is the frictional coefficient. Under the combined action 


of, these. two forces (until they balance) the ion will move with a cer- 
tainjacceleration a; depending on ils mass mj: 


. mia: = qui! — kiti (4.5) 
Considering that 
PEE or a, =e (4.6) 


where / is the time, one can obtain, after certain rearrangements, 
in place of (4.5): 
qt dz — m, D d mv; dx (4.7) 
or 
qii! dz = d (+ mai) on ghey dz (4.5) 
Thus, the electric force is used up to impart the ion a cerlain kine- 
tic energy of movement along the direction of the field, d a nuvi). 
and to overcome the friction force kiv; dz. j 


104 Part Tuo. Nonequilibrium Phenomena in Solutions 


Substituting the value of a, from (4.6) into (4.5) and integrating, 
one arrives at the equation of ionic migration in an electric field: 
[hit 


=A qoe. ™ 4 
V; = 9 ( ) (4.9) 
As the coefficient of internal friction is much greater in absolute 
value than the mass of the ion (sk; Ð mj), the quantity e Gimp 
will, after a short time t, become very small as compared with unity 
and may therefore be neglected. The ion will migrate with a uniform 
velocity 
NEL TUM 4 
IKE (4.10) 
Substitution of the products 2e (for positive ions) and z e (for nega- 


live ions) for q; in Eq. (4.10) yields expressions for the velocities of 
cations vy and anions v. 


(4.11) 


(4.12) 
At Ay/l—1 


= yo (4.13) 


where vf. and v? are the velocities of ionic migration in a given medi- 


um at a potential gradient equal to unity. They are termed the abso- 
lute velocities of ions. It is obvious that 


— od , 
v = 51 (4.14) 
The passage of an electric current through 
(in other words, electrolytic conduction) is made possible by the 
movement of ions under the influence of an electric field. Since posi- 
tive and negative ions drift in opposite directions, 


an clectrolyle solution 


I-I.-4I. (4.15) 
where I= total current passing through the solution 
I and 7. = components of the tolal current associated with 


cations and anions, respectively. 

If a certain imaginary boundary 44 of cross-sectional area Q 
is chosen inside an electrolyte (Fig. 4.1), the current intensity will 
be equal to the number of positive and negative ions crossing this 
boundary in unit timo. All the ions situated at a distance from this 
boundary corresponding to (or smaller than) their velocity, i.c., 
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all the particles contained in a volume 9,2, will cross it in one second: 
ID n. Qu SE ze (4.16) 
and 
J. — nr w! a z.e (4.17) 


where n+ and z. are the number of cations and anions, respectively, 
per 1 ml of solution. Hence 


I HL Qe t (u n zt) (4.18) 


For a binary electrolyte at infinite dilution it may be assumed 
that @ = 1, 24 =z. , and n. = n. =n (n is the number of 
electrolyte molecules in 1 ml of solution); hence, Eq. (4.18) simpli- 
fies to 


H= Ip I- = nze (v9 -+ vt) AB (4.19) 


Multiplying and dividing the right-hand side of Eq. (4.19) by 
Avogadro's number Na, one has 


ILL. 419) A (4.20) 


where c = uA is the concentration of the electrolyte in g-eq/ml. 
Since the ionic velocities v? and v? are very low, use is often made 


in electrochemistry of quantities F limes larger. These are called the 
ionic mobilities, or ionic conductances: 


7 = Fol and 29 = Fut (4.21) 


Substituting the ionic mobiliti 


es 44. and 22 for the velocities v? 
and v*. in Eq. (4.20) gives 


151,515 x9(03432) A (4.22) 
or, at & 1, 
II. FT. (a +29) AE (4.23) 
Similarly, for the currents transported by cations and anions, 
T I. ue - ŽE (4.24) 
I. ae e- (4.25) 


of Equations (4.18) and (4.23) express the current intensity in terms 
th the Concentration of an electrolyte, dissociation constant and also 
* charges and mobilities of those ions into which it dissociates. 
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Ohm's law 
Ay = RI 


and Eq. (4.23) yield the following expression for the resistance R 
of a solution: 


H ; 
Ht . . (4.26) 


As R= eg. where p is the specific resistance, it follows that 


p= E (4.27) 
Since p = 1/x, 
* = aze (AL + 22) (4.28) 
and as À = x/c, one has !) 
A= az (M +22) = aL, (4.29) 


where 2o is the equivalent (molar) conductance al zero concentration 
or. which is the same thing, at infinite dilution (ko = A). 
Comparison of Eqs. (4.23) and (4.29) shows thal the equivalent 
conductance corresponds to the quanlily of electricity transported 
by 1 g-eq of ions per second (i.e., to current intensity) through 
à cross-sectional area of 1 cm? at a potential gradient of 1 Vem. 
In some cases one has to know the fraction of the total current 
carried by a particular ionic species. or what is known as the tran- 


sport numbers (or the transference numbers) of positive and negative 
ions. 


In the equations 


1. — L (4.30) 
and 
ote (4.31) 


t+ and . are the transport numbers of positive and negative ions, 
respectively. Substituting the values of J, I. and J. from Eqs. 
(4.23), (4.24) and (4.25) into Eqs. (4.30) and (4.31), we oblain expres- 
sions for the transport numbers of a binary electrolyle in terms of 
ionic mobilities: 


l = n (4.32) 
and pee 


l= nr (4.33) 
1) The experimental value of conductivity 2 includes the conductance of 


the solvent, and so when the equivalent conductance 4 is calculated, use should 
be made of the quantity x corrected for this effect. 
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Here 
ty bt, 1 (4.34) 


For any electrolyle as well as for solutions containing several 
electrolytes, the transport number of an ionic species i is expressed 


by the equation 
l; == di (4.35) 


In this case 
S44 (4.36) 


where the summation is carried out over all the ionic species. 


4.2. PRINCIPLES OF EXPERIMENTAL DETERMINATION 
OF CONDUCTANCE 


4.2.4. MEASUREMENT OF TIIE CONDUCTANCE 
OF ELECTROLYTES 


The conductance of electrolytes is usually determined by means 
of a bridge circuit used for measuring the resistance of first-class 
conductors (metals). In the case of electrolytic solutions use is made 
of alternating-current bridge circuits because the passage of a direct 
current. through solutions leads to considerable errors due to ele- 
cirolysis and polarization. The necessity of using an alternaling 
current of sufficiently high frequency (in order to avoid the errors 
mentioned) complicates the measuring circuit. Apart from a bridge, 
the Circuit includes an a-c generator and special apparatus used lo 
rectify the current before il passes through the null indicator and to 
comprusate for the capacity effects. Present-day apparatus for mea- 
suring the conductance of electrolytes. in which all the specific fea- 
tures of second-class conductors are taken into account. yields reli- 


able results. 
4.2.2. METHODS FOR DETERMINATION 
OF TRANSPORT NUMBERS AND IONIC MOBILITIES 


Hittorf’s Method. A number of methods for the determination of 
transport numbers have been suggested. 'The first method was develo- 
ped by Hittorf and later refined by Findlay. Kistyakovsky. and 
olhers. 

Ilitterf’s method is based on the general equation of transport 
numbers: 


I I ac 
“= spt (4.37) 


It makes use of the fact that the concentration of an electrolyte near 
the electrodes (in the anodic and cathodic regions) changes as a re- 
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sult of the passage of a direct current through the electrochemical 
system and of the associated directional movement (drift) of ions. 
The amount of displaced gram-equivalents of a given ionic species 
is related with the fraction of current borne by cach ion and may be 
represented in the form of the expression JF) r, where c is the 
time during which the current passed through the system. The total 
number of transported gram-equivalents (faradays) of electricity 
is written in a similar way: 

1 

Ft 

The equation for the transport number of a particular ionic spe- 

cies will thus have the form: 


li 
2, Ft number of transported gram-equivalents of substance 4.38 
p= i 3 number of faradays passed through the system (4.38) 
F 


The number of transported gram-equivalents of a substance can be 
found analytically from the concentration changes in the anolyte 
and catholyte. The total quantity of electricity passed is determined 
with a coulometer (see page 305). 

Suppose we have an electrochemical system 


Hg, K/KCI/K, Hg 


through which a current is passed in the direction indicated by the 
arrow. The left electrode is the anode, and the right the cathode. 
Potassium dissolves at the anode and its ions pass into solution. 
The potassium ions move toward the cathode where they are dischar- 
ged to form an amalgam. The chloride ions migrate from the cathode 
to the anode. i.c.. in a direction opposite to the movement of the 
potassium ions. The migration of both ionic species occurs according 
to their transport numbers. The scheme of the processes taking place 
in the system when one faraday of electricity is passed through it 
may be represented as follows: 


Anodic region Cathodic region 
Electrode 
reaction K-—K* K — K 
Migration —t4Kt 4- f. CI- >t K+ — . Cl- 
Total. . . —K+ (1 — 2.) K++ tc- +K — (1 — e) K+ . CI- 
or 2... —K t K++ . Cl- +K — f. K — . l- 


since the solution contains only a binary 1: 1-valent electrolyte, for 
which, according to Eq. (4.34), 


1— t =t 
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From the scheme given above, the so-called electrode-balance scheme. 
it follows that the passage of one faraday through the system results 
in the migration of one gram-alom of potassium from the anode to 
the cathode and that the amount of potassium chloride will increase 
by L. g-eq at the anode and decrease by the same amount at the cat- 
hode. Let the initial concentration of KCl be co and the volumes of 
the anolyte and catholyte Va and Vn, respectively; then the concen- 
trations c, and c, in the anodic and cathodic regions " after the pas- 
sage of one faraday will be, respectively, 


t t 9 
ca = Cot y. and cn co — T (4.0) 
from which 
t_ = Ac Je and f. = — Ac V 


If the number of faradays is z, then 


y V 
i ele and t 3005 (4.40) 


Hence, in accord with Eq. (4.38), to determine the transport num- 
bers of ions by Hittorf's method it is necessary to know the total 
quantity of electricity passed and the number of gram-equivalents 
of the substance transported. 

If, instead of a soluble amalgam anode, use is made of an insoluble 
platinum anode 

Pt/KCI/K, Hg 
— 


chlorine will be deposited at the anode and the elecirode-balance 
scheme will assume the form: 


Anodic reglon Cathodic region 
Electrode reaction Cl- — 2 Cle K++ K 
Migration . . . . —t4.K* 3 ¢_Cl- + K — Cl- 
is! UK c - ν = K 


Here the concentration of the substance decreases both in the anodic 
and the cathodic region. Using the previous notation. one can now 
write 

E Acala 


1. (4.41) 


and 
fs AE (4.42) 


z 


Since 
te +¢t.=1 


D It is assumed that the volumes of the anolyte and catholyte are larger 
than the thickness of the solution layer in which diflusion takes place. 
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from Eqs. (4.41) and (4.42) it follows that 


— (eats 4 Seat) -1 


or 
2 = — (Aca Ve + Ac V) 
The transport numbers in this system can be found without a cou- 


lometer by using experimental data on the change of the electrolyte 
concentration in the anodic and cathodic regions: 


ir AcaVa 4 
Ic AcaVy -+ Ac Vy (4 7 13) 
and 
z Ack h 
Ae dea Mee 


By choosing suitable electrochemical systems one can determine 
transport numbers for any electrolyte. 

The Moving Boundary Method. The second method of determining 
transport numbers which has recently found wide application is 
known as the moving boundary method. The 
essence of this method is as follows: a given 
amount of current is passed and after a 
definite time the distance travelled by the 
boundary between two solutions with a 
common ion is determined. The boundary 
between two solutions is particularly shar- 
ply defined if one of them is coloured. If 
both solutions are colourless but have diffe- 
rent densities, the boundary will be visible 
because of the difference in their refractive 
indices. In either case the movement of the 
boundary is easily followed with the aid of 
a reading microscope. 

Figure 4.2 shows the principle of deter- 
Fig. . Measurement mining the mobility of cadmium ions by 
of ionic mobilities (tran. the moving boundary method. When a cur- 
sport numbers) by tbe rent is passed through the solulion in the 
moving boundary method — direction indicated in Fig. 4.2. cadmium 

ions appear in it and a boundary is formed 
between the solutions of cadmium chloride and hydrochloric acid. 
As the current. flows the boundary moves upwards. If the boundary 
travels, in a time t, a distance ! equivalent to the volume V = iQ, 
where Q is the cross section of the tube. the number of gram-equi- 
valents of CdCl» transferred will be equal to c. where c is the con- 
centration of CdClz. With a current intensity J the total quantity 
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of electricity passed will be equal lo 7x/F faradays and hence the 
transport number of the Cd?* ion will be ® 
chr 


4.45 
Tz (4.45) 


1. 


which corresponds to Eq. (4.28). 

The boundary between the CdCl, and HCI solutions is sharply 
defined because of the different conductivities of the electrolytes. 
In the case under consideration xc, > *cac, and CU, < 
< Hac; or (Ap Dua < Gip)cans i. e., the potential gra- 
dient is higher in the CdCl, than in the HCI solution. ‘Therefore. if. 
as aresull of a temporary interruption of current, the faster hydrogen 
ions appear in the zone of CdCl. then under the influence of the incre- 
ased polential gradient they will outrun the slower Cd?* ions and 
return into the region of hydrochloric acid. Conversely, if the Cd** 
ions move into the hydrochloric acid zone. their velocity will fall 
owing lo the decreased potential gradient. They will lag behind the 
H“ ions and appear again in the solution of cadmium chloride. For 
the boundary to be sharply defined the optimal concentrations of 
indicator solutions are usually chosen in preliminary experiments 
such that will ensure the observance of the so-called Kohlrausch regu- 
lating ratio: 


tp Cp 
where the subscripts F and L refer, respectively, to electrolytes with 
fast and slow ions (in our case. to the solutions of HCl and CdCl,). 

The data obtained by the two methods described above are in 
agreement. ? 

Determination of Ionic Mobilities. Experimental data on electri- 
cal conductance and transport numbers can be used (o calculate 
ionic mobilities. From Eq. (4.29) it follows that for a 1:1-valent 
electrolyte at infinite dilution. where the degree of dissociation & 
is equal to unity, the equivalent conductance is the sum of ionic 
mobilities: 

Ae = AG 7.— (4.46) 
In place of Eqs. (4.32) and (4.33) one may write: 
^U 2.2 
P=- and fe == (4.47) 
7.0 7. 0 
from which one can easily find ionic mobilities at infinite dilution 
using the known kf and 4. values. 


1) Tf the concentration of HCI is inserted into Eq. (4.45). in place of CdClz. 
it will yield the transport number of hydrogen ions in hydrochloric acid. 

2 The third method for delermining transport numbers is based on emf 
measurements and will be discussed later (see Sec. 9.1). 
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An equation analogous to Eq. (4.47) is valid not only at infinite 
dilution but also at any concentration c in the case of binary electro- 
lytes. This can be easily illustrated by substituting the values of the 
corresponding currents from (4.23), (4.24) and (4.25) into Eqs. (4.30) 
and (4.31); this substitution gives: 


2. — and 7. (4.48) 


where A, is the ionic mobility in a solution of concentration c. 


4.3. EXPERIMENTAL DATA ON TIIE CONDUCTANCE 
OF ELECTROLYTE SOLUTIONS 


4.3.1. RELATION BETWEEN CONDUCTANCE 
AND THE PROPERTIES OF ELECTROLYTES 
AND THE NATURE OF SOLVENT 


The electrical conductance of electrolyte solutions depends first 
of all on the nature of the electrolyte and solvent. If we compare 
the values of equivalent conductance as measured in aqueous solu- 
tions at infinitely large dilution, acids will be found to have the 
highest values, followed by bases and salts in decreasing order (sce 
Table 4.1). 

TABLE 4.1 


Equivalent Conductances of Some Electrolytes in Infinitely 
Dilute Aqueous Solutions at 25°C 


Electrolyte dco | Electrol yte e Eloetzolyle 7 
11,80, 429.8) Kol 271.11) KCl 149.9 
1101 426.2 NOH 271.0 KNO, 145.0 
HNO, 421.2 NaOH 247.8 


8% NaCI 126.4 
| 


The effect of the nature of an electrolyte or. more precisely, the 
nature of its constituent ions will become even more prominent if we 
consider a series of ionic mobilities also corresponding to infinite 
dilution (see Table 4.2). 

As can be seen from Table 4.2. in a series of ions of equal valency 
the electrolytic mobility increases with increasing ionic radius r; 
(an exception is the higher mobility of bromide ions as compared 
with iodide ions). With equal or similar radii the mobilities of cations 
are greater than those of anions. While the mobilities of all ions differ 
little from each other, the hydroxyl ions, and especially the hydro- 


gen ions, possess abnormally high mobilities, 3 to 8 times greater 
than those of the other ions. 
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TABLE 4.2 
Electrolytic Ionic Mobilities in Aqueous Solutions at Infinite 
Dilution at 25°C 


= + + - z 
"E DEAE č 3 . 
S „Eee ess I. 
ry A | 143] 0.57 | 1.38} 1.96) 1.04) 0.99) 1.81] — 1.65| 0.80 
77 61.9 63.0 [63.7 78.3 59.5 | 54.0 | 76.3 


1. 2.1 E 1 1 F 

Ion | F- |5Fet*|5 Fee H* off meor I- | K* |i Li* 
(.. ee eee ̃ͤ : I 
ry, A | 1.23] 0.800.677 — | — = 2.20 1.33) 1.04] 0.68 
72 55.4 53.5 68.0 349.8 36.0 | 57.0 | 76.8 73.5 | 69.5 | 33.7 
— — — m. . —äü— — — — —-¼— 
Las e | Devore) n E s lippi i sor zas 

lon 3 linz“ Nat |; Jia: NH; | NO; OH- z Pb**| Rb* 3 807-2 Zn? 
rA 0.74 oloa] — | — | — | 130p %% — | 0.83 
A? 33.4 50.1 [54.0 | 73.7 | 71.4 | 197.6 | 70.0 |77.5 | 80.0 | 53.5 


The values of transport numbers as derivatives of ionic mobilities 
depend on the nature of the electrolyte. The hydrogen ion has the 
largest transport number among the cations, and the hydroxyl ion 
among the anions. 

When solvents other than water are used, changes are observed 
in electrical conductance, ionic mobility and, to a lesser degree. 
in transport numbers. The main properties of a solvent that deter- 
mine the character of variation of electrical conductance are its 
viscosity and dielectric constant. An increase in viscosity leads to 
a decrease in conductance. This effect was formulated quantitatively 
by Pisarzhevsky and Walden and is known as the Pisarzhevsky- 
Walden rule: To (4.49) 
where ^, = equivalent conductance of electrolyte extrapolated lo 

zero concentration 
vo = viscosity of pure solvent. 

A similar relation also exists for ionic mobilities: 

Alyo = const (4.50) 

The effect of the dielectric constant of a solvent reveals itself espe- 
cially noticeably in the character of variation of electrical condu- 
ctance with concentration, giving rise to so-called abnormal condu- 
ctance curves. 


$—0383 
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4.3.2. EFFECT OF CONCENTRATION, TEMPERATURE 
AND PRESSURE ON THE CONDUCTANCE 
OF ELECTROLYTE SOLUTIONS 


In aqueous (and most nonaqueous) solutions, with increasing con- 
centration of the solution, the specific conductance of the electroly- 
tes first increases, reaching a certain maximum, and then falls with 
further increase of concentration. The position of the maximum 
depends on the nature of the electrolyte and its temperature. The 
concentration dependence of conductivity for a series of electrolytes 
is shown in Fig. 4.3. 

The equivalent conductance of aqueous solutions of electrolytes 
diminishes with increasing concentration (Fig. 4.4). The highest 
equivalent conductance is observed al zero concentration, when 
Ae = Ag. The equivalent conductance 4 is often expressed as a fun- 
clion of dilution V. In this case, as would be expected, the equiva- 
lent conductance is found to increase with dilution, and at high 
dilutions it approaches a certain limiting value. This limiting value 
is called the equivalent conductance at infinite dilution, denoted by 
the symbol à (Fig. 4.5). For a given electrolyle the equivalent con- 
ductance at zero concentration is naturally the same as the equiva- 
lent conductance at infinite dilution, 

Kohlrausch found that in the region of low concentrations the 
equivalent conductance of a strong electrolyte varies with concen- 
tration according to the empirical equation 


he = ho — A Ve (4.51) 


known as the square root law (A is an empirical constant). 
Al somewhat higher concentrations of strong electrolytes a better 
agreement with experiment is furnished by the equation 


he = ho c (4.52) 


which is known as the cubic root law. For dilute solutions of weak 
electrolytes. the following equation holds true: 


log Ae const— log e (4.53) 


When one switches from water to nonaqueous solvents possessing 
a high dielectric constant, no noticeable changes in the character of 
the concentration dependence of electrical conductance are observed. 
However, in solutions with a low diclectric constant (for example, 
in a mixture of waler and dioxan) the course of the equivalent condu- 
clance-concentration curve typical of aqueous solutions is disturbed 


6-109 g-eg/mt 


Fig. 4.3. The variation of specific conductance (conductivity) with concentra- 
tion for some electrolyles 


0 — quz 004 QU 008 d 
c, g-ex/ litre 


Fig. 4.4. The variation of equivalent conductance with concentration for some 
electrolytes: 


I—hydrochlorilc acid; 2—sodium hydroxide; 3— potassium chloride; 4—silver nitrate; 5 
sodium sulphate; €—copper sulphate; 7—acetic acid; S—ammonlum hydroxide 


8* 
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and extrema appear on it. Figure 4.6 shows the concentration depen- 
dence of the equivalent conductance typical of such solutions 


250 500 750 2090 


Fig. 4.5. Dependence of equivalent conductance on dilution in aqueous solu- 
tions of somo electrolytes 


The temperature dependence of the equivalent conductance for 
a narrow range of temperatures may be represented by the equation 


he = Feng (1 ＋ at) (4.54) 

or for a wider range of temperatures 
At = hi-o (1 N — Bet) (4.55) 
where A; and A;.o = equivalent conductances al lemperatures 


t and 0° C, respectively 
a and ff = empirical coefficients. 
The dependence of the specific conductance of dilute solutions 
on temperature is descrihed by Kohlrausch's formula, which is si- 
milar to Eq. (4.55), 


* = Kroes li + a! ( — 25) + B' ( — 25)?] (4.56) 
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with the only difference that the standard temperature is taken to be 
25°C. 
The coefficient & depends on the nature of the electrolyte; it 
equals 0.0164 for strong acids, 0.0190 for strong bases and 0.0220 
for salts. In the case of weak electrolytes the coefficients & are higher 
than for slrong electrolytes. The 
coefficient f“ increases regularly 
with increasing “: the relation 
between the two coefficients is 
expressed by the following empiri- 
cal equation: 

B’ = 0.0163 ( — 0.0174) (4.57) 


It should be noted that the tem- 
perature coefficients of the condu- 
ctance of aqueous solutions and 
those of the viscosily of waler are 
close jn magnitude but opposite in Fig. 4.6. Anomalous conductance 
sign. : curve for an electrolyte in a non- 

Transport numbers vary with con- aqueous solvent 
centration to a lesser degree than 
the conductance of electrolytes. The variation of transport numbers 
with concentration is less pronounced than in the case of the condu- 
ctance of electrolytes. Some experimental data characterizing 
the concentration dependence of transport numbers are presented 
in Table 4.3. ? It follows from this table thal if the transport number 


TABLE 4.3 


Dependence of the Transport Numbers of Cations 
on Concentration at 18°C 
— ————d— — ä ——·ͤ Vò•dZ—— — 
| Transport number of cations at an electrolyte concentration of, 


A 


log c 


Elect- g-eq/litre 
rolyt« OO eae 
j 0.005 | 0.01 | 0.02 | 9.05 | 0. 1 f 0.2 | 9.8 EE 
| 
LiCl — 0.332 0.328 | 0.320 | 0.313 0.304 — — 
NaCl i 0.396 0.396 | 0.396 | 0.395 | 0.393 | 0.390 | 0.382 ! 0.369 
KCl | 0.496 0.496 0.496 | 0.496 | 0.495 | 0.494 — — 
HCl 0.832 | 0.833 | 0.833 | 0.834 | 0.835 | 0.837 | 0.840 0.844 
AgNO3 — 0.471 0.471 | 0.471 | 0.471 — — — 
CdSO, — 0.389 | 0.384 | 0.375 | 0.365 | 0.350 | 0.323 | 0.294 


is larger than 0.5, it is found to increase further with increasing con- 
centration. Conversely, if 4, < 0.5, it decreases still further as the 


D [n a series of such compounds, at any concentration, the transport number 
of a cation increases with its radius. 
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concentration increases. In concentrated solutions transport numbers 
may assume negative values, this being attributed to the formation 
of complex ions. For example, for silver cyanide in an excess of po- 
tassium cyanide the transport number of the Ag* ions will be negati- 
ve. Here silver enters into the composition of a complex anion and 
migrates to the anode when a current is passed. 

A stronger effect on transport numbers (provided they are diffe- 
rent from 0.5) is exerted by temperature. Table 4.4 gives some expe- 
rimental data for several electrolytes in 0.02V solutions. It is seen 


TABLE 4.4 
Temperature Dependence of Transport Numbers 
o[ Cations 
Transport numbers of cations at 
Electrolyte we | 1c 3ec | sec 
NaCl 0.387 0.396 0.404 0.442 
agros 0.461 0.471 0.481 — 
HCl 0.844 0.833 0.822 0.748 


from Table 4.4 that with increasing temperature the transport num- 
bers are equalized, i. e., if they exceeded 0.5 they become lower and, 
conversely, transport numbers smaller than 0.5 increase. 

The mobility of ions is dependent on the concentration and tem- 
perature of the electrolyte (see Tables 4.5 and 4.6), the nature of 
this dependence being analogous to that observed for the electrical 


TABLE 4.5 


Concentration Dependence of Absolute Ionic Mobilities 
(v5. L05c m?-3ec-!- -i) at 18°C 


Absolute tonite mobllity at a concentration of, g 


fou 


* 10-1 | 2 la- | te- [asinus | 2x [ a | i <to-a 

Na* i 47.3 - 44.2 — 

K* -~ — 67.0 -- 

Zni* — — 46.5 : 45.5 11.0 

cl- 08.0 67.5 06.5 — — 

30t- 73.0 71.5 69.5 69.5 = = 

NO; — = — z = 58.5 
See 


conductance of electrolytes. A rise of temperature increases the mobi- 


lity of all ions, and the higher the ionic conductance. the lower the 
tomperature coeflicient of the ionic mobility. 
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TABLE 4.6 


Temperature Dependence of the Mobility 
of Some fons 


Limiting tonic mobility at 


Ion ——————— T 
oe | Isc | trc 

!( eh ee SS 
Lit 17.8 33.3 120 
Nat 25.5 5 150 
k* 40.3 200 
El- 41.2 207 
Hr- -- uu 
l~- — 637 
OH- — 440 


p 


Apart from temperature, the conductance of weak and strong ele- 
ctrolyles is also affected by the pressure experienced by the solution. 
It has been found, for example, that at low temperatures (up to 
20°C) the conductance of acetic acid solutions falls with increasing 
pressure. At higher temperatures the same solutions show a certain 
rise in conductance as the pressure increases. The equivalent condu- 
ctance of the majority of strong electrolytes has been found to increa- 
se as the pressure increases from atmospheric to 50-100 kg’cm? (de- 
pending on the nature of the electrolyte). A further increase in pres- 
sure lowers the conductance, bringing it below those corresponding 
to the atmospheric pressure. Experiment shows that the variation 
of the conductance of strong electrolytes with pressure obeys the same 
law that governs fluidity (which is the reciprocal of the viscosity of 


a liquid). 
4.4. CONDUCTOMETRY 
4.44, CLASSICAL CONDUCTOMETRY 


The value of the electrical conductance of solutions plays a major 
part in electrochemical processes. It may be used as a basis for ratio- 
nal selection of the composition of an electrolyte. thereby reducing 
the unproductive consumption of electrical energy to a minimum. 
A knowledge of the conductance of solutions is needed in drawing 
up energy and heat balances for electrolytic cells and chemical sour- 
ces of electricity. The throwing power of galvanic baths (the ability 
of producing a uniform metal layer on areas situated at different 
distances from the anode) strongly depends on the value of condu- 
clance. Data on conductance measurements are used nol only in ele- 
clrochemistry. Conductometry finds wide application as a method of 
chemical analysis, production control and scientific research. Condu- 
ctometry has a number of advantages over chemical methods of ana- 
lysis since il enables delermination of the content of an individual 
substance in a solution by simply measuring the conductance of the 
solution. To do this. it is sufficient to have a conduclance-concentra- 
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tion calibration curve. Besides, the solution being analysed under- 
goes practically no change in the course of conductance measure- 
ments, which makes it possible to measure its conductance several 
times and keep the solution in order to check the results at any time. 

Conductometric analysis is one of the most precise techniques for 
determining the solubilities of sparingly soluble substances. It is 
based on the measurement of the conductance of a liquid phase in equ- 
ilibrium with the corresponding solid substance. Knowing the mobi- 
lities of the ions into which a particular sparingly soluble substance 
dissociates and the conductivity of the solution, one can calculate 
its concentration by using the equation 


z 5n 

= Fah OS FAS) in 
Since a salt is sparingly soluble, i.e., its concentration in solution 
is very small, the degree of dissociation & and the conductance coefli- 
cient f, (sec below) may be assumed to be equal to unity, and the 
ionic mobilities in a given solution A. and X. equal to those at 
infinite dilution A. and 29. If the concentration c is known, it is 
easy to find the solubility of the substance. Conductometry is also 
employed to determine the equilibrium constants of chemical rea- 
ctions in solutions, the basicity of acids, etc. 

In contrast to ordinary titration techniques, conductometric tit- 
ration does not require the use of indicator solutions and c 
ried out in coloured as well as in very dilute 
tion the course of the reaction is followed and the conductance of the 
solution being titrated is measured after each addition of the titra- 
ling reagent. The end point of titration coincides wilh the inflection 
on the curve of conductance against the volume of solution added. 
The change in conductance during conductometric titration is asso- 
ciated with the replacement of some ions by others with a different 
ionic conductance. 

Suppose we have an alkaline solution which is lo be titr 
an acid. Suppose the solution taken for titration contains a g-eq 
of NaOIl. Its conductance is determined by the mobilities of the 
ions Na“ and OH-, which are equal. at 25°C, to 50.1 and 197.6. 
respectively. To this solution is added an amount of litrating solu- 
lion containing z g-eq of HCl. If r Sa, partial neutralization of 
the alkali by the acid will occur: 

a (Nat . OH?) z (II+ + Cl-) = z (Nat + CI) + 

+ THO + (a — x) (Nat — OI) 
As a result of incomplete neutralization, (a — z) g-eq of NaOH will 
remain in the solution being titrated and x g-eq of NaCl will appear 
as Na“ and Cl- ions of mobilities 50.1 and 76.3, respectively. Thus, 
some of the hydroxyl ions are replaced by less mobile chloride ions 
and the conductance of the solution diminishes. This will take place 


an be car- 
solutions. During titra- 


aled with 
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after the addition of each new portion of hydrochloric acid solution 
until the equivalence point is reached, at which all the OH- ions 
of the alkali will be replaced by Cl- ions. Upon further addition of 
the titrating solution (beyond the point of equivalence) the acid will 
no longer associate with the alkali. The alkali will be completely 
neulralized and free hydrogen 
ions possessing a very high mo- 
bility (equal to 349.8) will appear 
in the titrate along with chloride 
ions. This will lead to a sharp 
increase of conductance (Fig. 4.7). 
The minimum on the conduclan- 
ce curve is the equivalence point 
which corresponds to the condu- 
ctance of sodium chloride. The 
content of the base in the titrate 
can easily be calculated from the 
volume of acid used up until the 
minimum point is reached. 

'The example just quoted shows 
that the sensitivity of conducto- Equivalence point 
metric tilration depends very 
strongly on the difference in the Fig. 4.7. Graph of conductometric 
mobilities of the associated and titration of an alkaline solution by an 
appearing ions, and the greater scidiesoluBon 
this dilference the higher is the 
sensitivity. In carrying out conductometric titrations one should 
take into account not only the degree of completeness of the princi- 
pal reaction; of great importance are also the mobilities of ions 
that do not participate directly in the reaction. 

Another feature distinguishing the conductometric titration from 
the ordinary procedure is that it yields not just a single point 
(the point of neutralization associated with the change of the 
colour of the solution in the case of volumetric titration with 
an indicator and coinciding with the minimum on the x vs. V curve) 
but also the full curve for the entire process of titration. On the 
basis of this curve one can get an idea not only of the course of the 
reaction but also of some properties of the substances obtained. For 
example. a sharp minimum or a distinct inflection on the conductance 
curve is evidence of the stability or low solubility of the reaction 
products. A blurred region of transition from one portion of the curve 
to another points either to hydrolysis of the salt formed or to a high 
solubility of the precipitate, or else to an insufficient stability of 
the new substance (depending on the nature of the principal reaction). 
If certain conditions are observed, it is possible to determine condu- 
ctometrically two different substances present in the same solution. 
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An interesting feature of the conductometric method of production 
control is that changes in the system under test take the form of 
electrical signals. Electrical pulses can be transmitted directly to 
the actuating mechanism, which facilitates the automatic control of the 
process. The electrical conductance of a solution depends on all the 
components present and is therefore an integral property of the system. 
A combination of conductance measurement with determination 
of any other integral (e. g., density) or specilic (e.g.. the pH value) 
properly of a solution allows the system of automatic control to 
be improved. Conductometry is successfully utilized for the control 
of precipitate washout, regeneration of ion-exchange resins. water 
purification and of many other technological processes. 

The conductometric method cannot however be employed for 
the determination of a single ionic species against the background of 
other electrolytes. This is because the latter possess their own condu- 
ductance and will mask the change of conductance corresponding lo 
the change in the concentration of the ionic species lo be determined 
in the course of conductometric titration. which will naturally redu- 
ce the accuracy of the method and limit the range of ils applicability. 


4.4.2. HIGH-FREQUENCY CONDUCTOMETRY 


So-called high-frequency conductometry (high-frequency titration) 
has been gaining an ever increasing application. [n this method use 
is made of alternating currents of frequencies of the order of several 
millions of hertz. With these frequencies the electrodes may be remo- 
ved from the solution and placed outside the cell (in which measure- 
ments are made). This eliminates many difliculties involved in ordi- 
nary conductometry, namely. the catalytic effect of electrodes on 
the reactions taking place in solutions. the change of electrode sur- 
faces during the measurements, the necessit y of using ciect rodes made 
of noble metals (metals resistant to the action of a *olulion). ete, 

In high-frequency titrations © a measuring cell made of glass or 
plastic and containing the solution to be tested is placed either betwe- 
en two metallic plates tightly secured against the outer walls of the 
cell (a cell of the capacitive type) or inside a self-induction coil 
(a cell of the inductive type). In high-frequency conductometry it is 
nol the conductance of the solution that is measured. but a set of 
many properties of the solution and cell. ineluding the dielectric 
constant, The interpretation of the resulls obtained by this method 
is therefore more complicated than in the case of conventional con- 
ductometry. 

The high-frequency technique is successfully employed for ana- 
lytical purposes and in scientific investigations. 


P Such titrations were recently renamed oscillometric titrations.— Tr. 


CHAPTER 5 


Theoretical Interpretation of 
the Electrical Conductance of Electrolytes 


5.1. CLASSICAL TIIEORY 


The relation between specific conductance and concentration is 
expressed by a curve with a maximum (see Fig. 4.3). To account for 
the appearance of a maximum the classical theory makes use of the 
equation 

x = «c (= + 22) 


It is presumed here that the term enclosed in parentheses is indepen- 
dent of the concentration, and the degree of electrolytic dissociation 
diminishes with increasing concentration. Therefore, at a definite 
concentration the product ae and hence x will have the highest value. 

Usanovich has shown that this explanation in fact does not agree 
with the basic principles of the classical theory of electrolytic solu- 
tions. It is known that the degree of dissociation of an electrolyte 
a and ils concentration c are interrelated by the equation 


are 


whence 


From the last equation it follows that with rising concentration 
the product ge must also increase regularly because the ratio 
(1 — «je will grow continuously. For this reason one cannot expect 
the appearance of an extremum on the conductivity-concentration 
(x vs. ) curve. Hence, the classical theory of conductance is unable 
to explain even qualitatively the character of the concentration 
dependence of conductivity. According to this theory, the following 
equation must hold for equivalent conductance as a function of the 
solution. composition: 


A. = d (2% + 22) = a 


Lpon dilution the degree of dissocialion of an electrolyte increa- 
ses, approaching unity, and the equivalent conductance must also 
tend to a certain limit equal to Ao. So the general course of the equi- 
valent conductance-concentration (å vs. c) curve can be interpreted 
qualitatively from the standpoint of classical theory. From Ost- 
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wald's dilution law 
22 
K= Ic 


and relation (4.29), with a = 4,49 taken into account, it follows 
that ata, < 1 


RA 42 1 
* AS 
or 
log àe =} log KM — loge (5.1) 


Expression (5.1) coincides in form with the empirical equation 
(4.53), which is valid for weak electrolytes. It will however be point- 
less to try to obtain, using the classical theory, an equation similar 
to the Kohlrausch empirical square root law, which holds for solu- 
tions of strong electrolytes. The classical theory of electrical condu- 
ctance based on the Arrhenius theory of electrolytic dissociation can 
explain neither the variation of transport numbers and ionic mobili- 
ties with concentration nor the closeness of the temperature coeffj- 
cients of conductance and viscosity, nor the abnormally high mobi- 
lities of hydrogen and hydroxyl ions. In contrast to the assumptions 
of the Arrhenius theory, electrolytic solutions cannot be regarded 
as ideal systems either in the state of equilibrium or when an electric 
current is passed through them. 


5.2. INTERPRETATION OF CONDUCTANCE PHENOMENA 
TAKING INTO ACCOUNT INTERACTION FORCES 


5.2.1, BASIC PROPOSITIONS OF TIE DEDYE-ONSAGER 
THEORY OF CONDUCTANCE 


The disparity between the classical theory ei conductance and 
experiment stems from the fact that the theory takes no account of 
the forces of interaction between the particles of a solution. in the 
first place the forces of ion-ion and also ion-solvent inleraction. 

In nonequilibrium processes, in particular during the passage 
of a current through electrolytic solutions (electrical conduction) 
ionic interaction must be of a different nature than under equilibrium 
conditions. The conductance coefficient f; introduced by Bjerrum is a 
correclion factor for interionic forces operating when a current is 
passed through electrolytic solutions. It differs from the activity 
coefficient f, which refers only to equilibrium solutions. For 1: 1- 
valent electrolytes (z = 1), with the conductance coefficient taken 
into account, Eq. (4.29) should be replaced by 


he = tel, (N T 7.— (5.2) 
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or 
Cih z 
teh, = 7 (5.3) 
For solutions of weak electrolytes the conductance coefficient f, 
is close to unity and the conductance ratio / will correspond to 
the degree of dissociation. In the case of strong electrolytes when 
€ —1 


5. (5.4) 


The value of the conductance coefficient f; must be a function of 
concentration and can be determined by experiment. A theoretical 
calculation of f; is based on definite conceptions of the structure of 
solutions and on the consideration of the character of changes taking 
place in solutions under the influence of an externally applied ele- 
ctric field. 

One may use the solution model suggested by Debye and Iiickel, 
according to which each ion is surrounded by an ionic atmosphere 
with a charge opposite to that of the central ion. Since strong ele- 
ctrolytes are completely dissociated (a = 1), all the variations of 
equivalent conductance with concentralion are caused by the change 
of the interaction energy. In an infinitely dilute solution, in which 
the ions are so far apart that interaction forces can no longer opera- 
te between them, no ionic cloud is formed and the electrolytic solu- 
tion behaves like the ideal gas system. Under these conditions the 
equivalent conductance of the electrolyte will reach a limiting value 
equal to Ag 9. 

[n fact, at any electrolyte concentration different from zero. forces 
arise in the solution which hamper the movement of the ions and 
hence decrease its equivalent conductance by values 4;. each of 
which corresponds to a definite type of interaction force. On this 
basis, in place of Eq. (5.4) one can write 

he = ho — Èh (5.5) 
where 37, is the total decrease of the equivalent conductance of the 
solution caused by all the interaction effects that take place in real 
solutions. The origin of one of these effects becomes clear if one consi- 
ders that under the influence of an externally applied field the central 
ion and the ionic cloud (as entities possessing charges equal in mag- 
nitude but opposite in sign) must move in opposite directions 
(Fig. 5.1). Since all the ions involved are hydrated, the central ion 
migrates, with a velocity »,, not in a stationary medium but in a me- 
dium travelling in the opposite direction with a velocity Via. The 


b Even in the absence of inlerionic forces àe and 30 should differ from one 
another because of the change in the viscosity of a solution upon transition from 
zero concentration lo a concentration c. 
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frictional force is known to be proportional to the velocity of move- 
ment of a particle; for a real solution its value is given by the equation 

Yr = phi Qo bia) (5.6) 
while for an ideal solution it would be equal to 


Hia = phy, (5.7) 

where k; is the coefficient of internal friction. 
The decrease of conductance must be proportional to the increased 
frictional force. If we denote by 7; the change of the equivalent con- 
ductance of a solution resulting 


-0O bou Z from this effecl, then 
-0 


2 h-f(w) — (8) 
* 1 Jr. 
-Q 9 `O or 
Ya | Q- ` hi = G — wis) (5.9) 
A ~O , The extra frictional force asso- 
© -£ 7. ciated with the existence of an 


* y ionic cloud and its migration in 

G -- Gee a direction opposite to the mo- 

vement of the central ion is 

Fig. 5.1. Migration of a central ion known as the electrophoretic for- 

and an ionic atmosphere in an ele- ce; the braking effect produced 

ctric feld by this force is termed the ele- 
ctrophoretic effect. 

Another retarding effect is also associated with the presence of 
the ionic cloud and its influence on ionic migration. Jt has been 
found that the buildup and decay of an ionic cloud occurs ata ereater 
but finite velocity. This velocity is characterized by ‘he so-called 
relaxation time x,. which may be considered as a quantity inverse lo 
the velocity constant of the formation or decay of the ionic cloud. 
Relaxation time depends on the ionic strength of a solution. ils 
viscosity and dielectric constant and is defined by the equation 
jk 


MEE (5.10) 


where „* = coefficient of internal friclion of solution 
i Boltzmann constant 
T —absolute temperature 
x = Debye-Hiickel length. 
For an aqueous solution of a 1: 1-valent electrolyte Eq. (5.10) is sim- 


plified and the relaxation time can be caleulated approximately 
from the equation 


II 


ll 


= (5.14) 
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where c is the concentration of the electrolyte. When the central 
ion is moving, a certain time elapses before the old ionic cloud is 
broken down and a new one is built up. For this reason there is always 
some excess charge of opposite sign behind the moving central ion, 
whose drift is thus retarded by the arising electrical forces of attra- 
ction. This retarding effect is called the relazation effect. 1f the varia- 
tion of equivalent conductance due to the relaxation effect is desig- 
nated by Aj. the fall in conductance upon transition from zero con- 
centration (the ideal solution) to a concentration c will be given by the 
equalion : E 

he = ho — hp — Ag (5.12) 


in which account is taken of both the electrophoretic and relaxation 
effects. 

Debye and Hückel derived theoretical formulas for 7.1 and Ag 
containing one empirical constant. Their calculations were Jater 
improved by Onsager, who took into consideration that ions do not 
migrate along a straight line and that the ionic cloud is a statistical 
formation. The Onsager equation has the following form 


9.9 x 105 


15 A SL 29.1 217 — . 
he =~ hog 657752 BÀ, TUS Eviz? V Svizic (9.13) 
where 
B=- 
and 


g= 


and v is the viscosity of the solvent. 


For aqueou S 1 = NN SO z A ; 
takos i es of 1: 1-valent electrolytes at 25°C Eq. (4.13) 


he = 7.0 — (0.224 70 + 50.5) V c (5.14) 


Equations 
cee (4.13) and (4.14) have the same form as the empirical 
are root law of Kohlrausch b. They enable one to predict the 


Numerical y; 4 8 ; 
ion ical value of the constant A contained in the Kohlrausch equa- 


The S "e" P i 
e Onsager formula is in accord with experimental data in the 


range oy 
Sa 10 concentrations covered by the square root law. Agreement 
nsager een deteriorates with increasing concentration. The 
approxi quation should be regarded as an equivalent of the first 
mation of the Debye-Hiickel theory for electrical conductance. 


D p 
tions gie cubic root law which is applicable in the range of moderate concentra- 
Ghosh thec t follow from the Onsager theory, bul can be deduced from the 
Ty. 
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It therefore yields only the limiting value of conductance at an ele- 
ctrolyte concentration approaching zero, i.c., the limiting tangent 
to the conductance versus concentration curve. Similarly to the 
Debye-Hiickel second approximation for equilibrium in electrolytic 
solutions, an attempt could be made to take into account the effect 
of the finite size of ions and introduce the parameter a into the con- 
ductance equations. Such attempts were made by Kaneko (1932), 
Falkenhagen (1952), Onsager and Fuoss (1955). and others. Follow- 
ing La Mer, Pitts (1953) also took into account the additional terms 
of the series expansion of the exponential function (sce page 66), and 
Robinson and Stokes (1955) took into consideration the variation of 
the viscosity of a solution with concentration. 

The introduction of the mean ionic diameter a (an empirical con- 
Stant) and the use of an experimental value of viscosily made it 
possible to obtain a better fit with experiment and to extend the 
range of validity of the thus modified Onsager equation to the more 
concentrated solutions. The resulting equations however were so 
complicated that they had no practical value. For example, the 
Onsager-Fuoss equation 


he = Ao B Ve Ee In c + Ic (5.15) 
contains a logarithmic term and, in addition to Ux constant Æ 
(determined by the same parameters as the constant 2 of 
original equation), the quantity /, which depends on Uh 
ions. 
For concentrated solutions use is made of e 
One of the best is the Shedlovsky formula 


ihe Onsager 
Size of the 


mpiticel formulas. 


yee (5.16) 


where B is an empirical coefficient. The first term on the right-hand 


side of Eq. (5.16) corresponds to the Onsager equation (5.13), which 
may be written as 


he = ho — (ah E b) Vc (5.17) 


or 


gene 
1—a lc 


(5.18) 
2.2. WIEN EFFECT AND THE DISPERSION 
OF CONDUCTANCE 
In 1928 Wien found that in the region of high fields the conductan- 
ce of a solution increases with field strength. At first it increases 
slowly and then, at high field strengths, faster and, finally, reaches 
a certain limiting value at very high field strengths. For cach parli- 
cular electrolyte this limiting value corresponds to its conductance 
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at zero concentration irrespective of the solution concentration. For 
weak electrolyles Wien observed an even more pronounced rise of 
conductance with increasing field strength. He established the follo- 
wing regularity: the lower the degree of dissociation of an electrolyte, 
the greater is the rise of its conductance, which tends lo the condu- 
clance at zero concentration. 

The results obtained by Wien seemed at first quite improbable. 
They contradicted the widely accepted concept of the applicability 
of Ohm’s law to electrolytic solutions. Indeed, by Ohm's law 


Ap = RI 


the resistance R (or conductance, the reciprocal of resistance) is a con- 
stant for a given syslem and consequently the field strength must 
depend linearly on the current intensity. But from the experiments 
carried out by Wien it follows that at high values of Ay the 
resistance t is no longer constant and begins to fall with incre- 
asing field strength. Hence. the field strength does not increase pro- 
portionally to current intensity and in this case Ohm's law ceases 
1o be valid. Some scientists believed that the Wien effect was the 
result of some secondary phenomena that had not been taken into 
account. It was supposed, for example, that the decrease of resistance 
at high field strengths is caused by the high temperature of the ele- 
ctrolyte. But calculations and further investigations with the aid of 
an improved technique using short-time current pulses (to rule oul 
an appreciable rise of temperature) confirmed Wien's observation 
concerning the effect of the field strength on the conductance of ele- 
clrolytes, 

As far as strong electrolytes are concerned. the Wien effect can be 
explained on the basis of the Debye-Onsager theory of conductance. 
According lo the concepts of Debye and Hiickel each ion in a solution 
is surrounded by an ionic atmosphere of radius 1/7. As long as the 
drift velocity of an ion is small (as compared with the rate of decay 
and buildup of the ionic cloud) the retardation effects associated 
with the ionic atmosphere are retained and the value of conductanec 
at a given concentration is 


E ui. coe (5.19) 


But it is known that the mobility of ions does not remain constant 
with increasing field strength and increases according to Eq. (4.10): 


Ala sufficiently high value of y it may turn out that the path tra- 
velled by the ion while the old ionic cloud decays and a new onc is 
built up, i.c., during the double relaxation time c,, will be equal to 


2 — 044 
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or greater than the radius of the ionic atmosphere 


i p= Qt ty’ > Ly (5.20) 
Under these circumstances the ion goes beyond the limils of ils 
ionic cloud. A new ionic cloud will have no time to form al each new 
site of the ion and hence the overall retarding effect will decrease. 
By means of Eq. (5.20) one can estimate approximalely the field 
strength at which the Wien effect sets in. Using Eq. (5.10) for rela- 
xalion time and substituting il into expression (5.20), one gels the 
following equation for the field strength being sought: 


ee E Y i 
v 2 fr = 32 (5.21) 


In the case of a uni-univalent electrolyte at room lem perature 
Eq. (5.11) simplifies to: 


yp —4 x 105 Ve 


Thus, for a 0.00LY solution of a l: IN 
effect comes into operation al field 
10' Wem, and for a 1.Y solution al 4 

A further rise of the field strength le 
of the ions al which no ionic cloud wi 
ciated retarding effects will therefore disappear. No changes of con- 
ductance either due to the electrophoretic or to the relaxation force 
will then be observed. In that case 


alent electrolyte the Wien 
strengths of the order of 
7. 10° Vem. 

ads lo such a high drill velocily 

ll be able to form. AII the asso- 


dy = 0, an =0 and 7.0 = ho 


The effect of the field strength on the conductance of weak electro- 
lyles (in which the interionic forces are close to zero because of the 
low concentration of free ions) is probably associated with a change 
in the degree of dissociation under the influence of the applied field. 
Proceeding from this conjecture, Onsager worked out a qualitative 
and quantitative theory of this phenomenon. He showed that the 
rate of dissociation of weak electrolytes increases with field strength. 
whereas the rate of ionic recombination is independent of it: as a re- 
sult, the degree of dissociation must increase. The percentage increa- 
se of the dissociation constant calculated by Onsager on the basis of 
ae theory is in good agreement with the experimental observations of 

ien. 

Shortly after the discovery of the Wien effe 
hagen predicted another effect: the conductance of electrolytic 
solutions increases with the frequency of the applied electric field. 
Chis effect is known as the Debye-Falkenhagen effect or the dispersion 
of conductance. lt also depends on the presence of an ionic cloud. 
Indeed, at high frequencies ions do nol travel in a solution but just 


et, Debye and Falken- 
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perforin oscillatory motions in a direction parallel to the direction 
of the electric field. The central ion has no time to go beyond its 
ionic cloud, which in turn has no time lo decay to any noticeable 
extent and at each given instant only oscillates in a direction oppo- 
site Lo the movement of the central ion. In this case the forces invol- 
ved in the decay and formation of the ionic cloud. i.e.. the retarding 
relaxation forces. reveal themselves to a lesser degree and the con- 
ductance of the solution increases. At high frequencies it reaches 
a value which differs from the conductance at infinite dilution by 
the amount 7, since the relaxation effect disappears (A;; — 0) and 
the retarding clectrophoretic effect persists. In this case 


4. = 7.0 = ^l 


c 


The calculations of Debye and Falkenhagen were verified experi- 
mentally by Wien. who found them to be in good agreement with 
experiment. 


95.2.3. THEORETICAL INTERPRETATION 
OF TRANSPORT NUMBERS. TRUE TRANSPORT NUMBERS 


The laws governing the variation of transport numbers of ions 
with concentration can be accounted for on the basis of the Debye- 
Onsager theory of electrolytic conduction. Thus, proceeding froin 
this theory, Stokes derived equations which correctly express the 
experimental dependence of transport numbers on the electrolyte 
concentration. Ile showed that if at infinite dilution the transport 
number of an ion, f. is equal lo 0.5. it remains constant when the 
concentration (or ionic strength) of the solution is changed. At 
A 20.5 an increase in the ionic strength increases the transport 
number, i.c., /; > t$. Conversely. when r < 0.5 the growth of the 
ionic strength leads lo a decrease in the transport number. and 
then J. < T. 

The temperature dependence of transport numbers however cannot 
be explained merely by taking into account the forces of ionic inter- 
action; one should also reckon with the effect of ion solvation. By 
considering the phenomenon of solvation one can account for the 
increase of the mobilities and transport numbers of calions with 
increasing radius observed for a series of analogous compounds. 
As a result of solvation, the effective sizes of moving particles of 
small radius are found to increase lo a greater extent than those 
of large particles, and their movement is retarded. The fact that 
with rising temperature transport numbers tend to a limiting value 
equal to 0.5 should be linked with the process of dehydration, which 
intensifies with temperature and results in the levelling out of the 
effective ionic sizes. It is also easy lo understand why the temperatu- 
re coefficients of the electrical conductance and viscosity of water 


qe 
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coincide if one takes into account that the ions in solution are hydrat- 
ed and hence their migration is hampered by the friction between 
the water molecules forming their hydrate shells and the surrounding 
water. 

Since the water moves along with the ions, the transport numbers 
evaluated, for example, from the concentration changes in the electro- 
de compartments, i.c.. by Hittorf's method. do not correspond 
to their true values. Different ionic species move with different 
velocities and the number of water molecules moving together with 
them is not the same; the concentration change near the electrode 
is therefore the result of a decrease (or increase) not only in the num- 
ber of solute particles but in the number of water molccules as well. 
If ion hydration is not taken into account when calculating transport 
numbers from concentration changes. the numbers so oblained are 
apparent (or llittorf) numbers. and a correction must be applied 
to obtain the ¿rue transport numbers (these are also known as Wash- 
born transport numbers because Washborn was the first lo study this 
phenomenon). The apparent ¢; and true T; transport numbers are 
connected by the following relations (for cations and anions, res- 
pectively): 

Ts Stet DAY TAS (5.22) 
and 


T. . — cng,o (5.23) 


where c = initial concentration of solution 
Anno = nay — Ry). i.e.. the difference between the hydration 
numbers for a cation (np) and an anion 6% -)) in terms 
of one gram-equivalent. 
In order to obtain true transport numbers from apparent ones it is 
necessary to know the hydration numbers of the ions. Dut their 
values available at present are unreliable and canno! be used for 
calculations by means of Eqs. (5.22) and (5.23). To determine true 
transport numbers, it was suggested that, in addition to an electro- 
lyte (whose transport numbers are to be determined). an unionized 
soluble indifferent substance be introduced into a solution. Since 
its particles have no charge. this substance is supposed to be non- 
conducting. In this case the change of the electrolyte concentration 
is determined not with respect to the solvent (water). which moves 
along with the ions. but to the reference substance added. This 
method? was devised in the hope of obtaining true transport numbers 
and determining the difference between the hydration numbers of 
electrolyte ions by comparing the trne numbers with apparent ones. 
Then, by making a more or less substantiated assumption as to the 


1) Proposed by Nernst.— Tr, 
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hydration number of a single ion. one could determine the hydration 
numbers of other ions. But such an absolutely iner! substance is 
impossible to find. For this reason. apparent transport numbers 
are used at present, all the more so that precisely these numbers are 
of importance in delermining the conditions under which many 


electrochemical processes take place. 


5.3. ANOMALIES IN ELECTRICAL CONDUCTANCE. 
SOME SPECIAL CASES OF CONDUCTION 


5.3.4. THE ABNORMAL MOBILITY OF IV DROGEN 
AND HYDRONYL IONS 


The abnormal mobilities of hydrogen and hydroxy] ions which 
are much higher than those of all other ions lead one to suppose 
that the movement of these ions in aqueous solulions obeys a special 
mechanism of migration. The modern theory of the abnormal mobi- 
lity of hydrogen and hydroxyl ions developed by Bernal and Fowler 
is an extension of the idea of the mechanism of conduction in ionic 
solutions suggested by Grotthus at the beginning of last century 
(1806). 

Since the greater part of the hydration energy of a proton is evolv- 
ed when it uniles with the first water molecule, it is thought that 
in aqueous solutions the hydrogen ion must be present in the form 
of the hydroxonium (or hydronium) ion H,0*. The proton can migra- 
te from one water molecule to the next. These proton transfers invol- 
ve a certain amount of aclivalion energy. In the absence of an exter- 
nal field proton jumps may occur in any direction with equal pro- 
babilily. In the presence of an external field the probability of 
proton migration in the direction of the field increases (since the 
aclivalion energy in this direclion diminishes). and the process 
of proton movement will occur by a chain mechanism. i.e., the pro- 
ton will be passed on from one water molecule to the next and so 
on—a passing-the-prolon game: 

the direction of the field — 


H H H 11 


| l | 
HI —0—H--0—H-2H—0--H—0-—1 
T 


the direction of proton transfer > 


As follows from the scheme, the orientation of the water molecule 
after the proton has left the hydroxonium ion is unfavourable for 
the next proton jump, a circumstance that lowers the rate of proton 
transfer which olherwise would have been still higher. 
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The abnormal mobility of the hydroxonium ion may be represent- 
ed in a similar way: 


the direction of the field > 
H H H H 


: ! l | 
0—IHT0.:0—H—0 


the direction of movement of the hydroxyl ion <- 


The energy required to pull the proton away from the hydroxyl 
radical OH“ in a water molecule is higher than that needed to lear 
the hydrogen ion H* off the water molecule in a hydroxoninm ion. 
So the probability of Proton jumps and hence the 
ment of hydroxyl ions must be lower 
ions. The unfavourable orientation of the water molecule formed 
also adds to the spatial difliculties for the next proton jump. as 
a result of which the rate of transfer of hydroxyl ions is lowered. 


velocity of move- 
as compared with hydrogen 


5.3.2. THE ANOMALOUS CONDUCTANCE 
OF NONAQUEOUS ELECTROLYTE SOLUTIONS 


For aqueous solutions of most electrolytes the change of equiva- 
lent (or molar) conductance with dilution is expressed by a smooth 
curve (seo Fig. 4.5). The conductance of an electrolyte increases 
with. dilution. tending in the limit to the conduclance value at 
infinite dilution. A fundamentally different shape of the molar 
conductance-dilution ( vs. V) curve was observed by Kablukov 
in 1390 while studying tlie properties of hydrogen chloride solutions 
in amyl alcohol. He found that in a definite Tange of concentrations 
the conductance of a solution does noL rise but decreases with dilu- 
lion. These studies were later continued by many researchers, who 
conlirmed Kablukov's observations. IU turned out that when solu- 
lions with a low dielectric constant are used, then, instead of 
a monotonic conductance-dilution curve typical of aqueous solutions. 
curves with a minimum are obtained. the minimum heing followed 


by a gradual rise. One may occassionally find both a maximum and 
à minimum on 7 vs, V or} 


Or J. vs. c Curves, i.c., the concentration 
dependence of conductance here is more complicated than in aqueous 
solutions. 


The variation of molar (or equivalent) conductance with dilution. 
characterized by the Appearance of extrema on the 7. vs. F curve. 
corresponds to "anomalous conduction”. This phenomenon was 
observed by Sakhanov for solutions of silver nitrate in some nona- 
queous pure and mixed solvents Possessing low dielectric constants. 
These observations were conlirmed by Walden. who was the first 
to use, as an electrolyte, letrasubstituted ammonium salts (so-called 
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Walden salts), which are readily soluble in most nonaqueous sol- 
vents. A detailed study of anomalous conduction in solvents con- 
sisting of a dioxan-waler mixlure was carried out by Fuoss and 
Kraus. 

Sakhanov also paid altention lo the fact that in concentrated 
solutions the conductance value being measured included the visco- 
sity efect. Therefore he introduced the concept of corrected conduc- 
tance leor. i. e., the value of equivalent conductance in which account 
is taken of an increase in the viscosity y ala given dilution compared 
with the viscosily y> al infinite dilution: 


Acor = 7. - 

" 

Corrected conduclance is more sensitive lo changes in tlie solution 

composition than the ordinary value of conductance, uncorrected 

for viscosity. In a comparative study of the conductance of electro- 

lytes in different solvents one should take into account the effect 
of the viscosity of the medium. 

The classical theory of conductance and the Debye-Onsager theory 
are unsuitable for interpreting the phenomena of anomalous con- 
ductance. Neither can equivalent conductance-dilution curves wilh 
extrema be obtained by considering the solvation effect. The theory 
of anomalous conductance was first formulated by Sakhanov in the 
period 1913-16 on the basis of the concepts of electrolyte association 
which manifests itself most distinetly in solvents with low dielectric 
constanls and leads to the formation of complex molecular and ionic 
substances. According to Sakhanov, in addition to electrolyte mole- 
cules MA, concentrated solutions conlain associaled molecules 
(MA), which are in equilibrium with simple molecules: 


zMA = (MA), (5.25) 


Associated molecules are capable of dissociating into complex ions— 
current carriers —under the given conditions 


(MA), = Mf * Az (5.20) 


When solutions are diluted, the equilibrium of the reaction (5.25) 
is shifled to the left. The number of complex molecules dissociating 
inlo ions according to Eq. (5.26) is reduced and consequently the 
conductance of the solution falls. Upon further dilution. when more 
and more electrolyte appears in the solution as simple molecules. 
their dissociation into simple ions begins to play an appreciable role 


MA = M* + A- (5.27) 
and the conductance will again increase according to the law which 


usually obtains for the variation of equivalent conductance with 
dilution. If it is assumed thal a solution contains molecules of diffe- 
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rent degree of association and also the corresponding complex ions, 
one can then account for the still more complicated variation of 
conductance with dilution when. in addilion to a minimum. a maxi. 
mum or several maxima and minima appear on the curve. Sakhanoy 
deduced an equation for the dependence of 7. on V which is in quali- 
talive agreemenl with the shape of the experimental anomalous. 
conductance curves. 

The concepts worked out by Sakhanov were substantially extended 
and developed in later investigations. Thus. Semenchenko (1923.24) 
and Bjerrum (1926-27) showed that ion pairs M*A- may form in 
concentrated solutions of electrolytes in waler (and —in nonaqueous 
solvents with low dielectric conslants—at moderate electrolyte 
concentrations as well). Ion pairs consisting of positive and negalive 
ions are formed under the action of purely coulombic forces: they 
are therefore not so strong as undissocialed electrolyte molecules, 
The bond holding the ions together however is strong enough for 
the original ions to lose their independence and display properties 
(mobility. etc.) characteristic of uncharged particles. The appearance 
in a solulion of ion pairs in addition to simple molecules mus! lead 
to a more rapid decrease in molar conductance with increasing con- 
centration, this fall being the more pronounced the lower the dielee- 
tric constant of the solvent. 

The effect of the solvent nature on the dissocialion (and associali- 
on) of solules and on their conductance and diffusion can be hetler 
understood if the nature of the bonds exisling between the particles 
of these substances in their original state. i. e.. in their “pure” form, 
is taken into account. From this Point of view all substances may 
be divided into two extreme groups. The first group includes com- 
pounds with a crystal lattice built up of separate ions. II would 
hardly be correct to use the term “electrolytic dissociation” to descri- 
be the behaviour of these substances during dissolution because 
they do nol eontain any undissociated molecules from the very oulset; 
in this case dissociation equilibrium in the Arrhenius sense has 
no physical meaning. Such substances are known as jonophores 
(i.e.. true electrolytes); potassium chloride is a lypical ionophore. 
For dissolved ionophores, Say. for KCl. it is more correct to write. 
instead of a dissociation reaction with the participation of nonexis- 
tent molecules of KCl, the following reaction of association 


K* + Cl- =K*cl- 


1 of ion pairs from the original single ions. 
a solvent, say of its dielectric constant. should 
ted with the reaction of association rather than 
aler, which is a solvent possessing a high die- 
D’ Hydration is in this case a Source 


and not for the dissociation of BS enel for the breakdown of the lattice 


leading to the formatior 

Here the effect of 
be first of all associa 
dissocialion®. In wi 
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lectric constant, ion-pair formation is not very likely since the ener- 
gy of coulombic attraction between ions is small compared with 
the Lhermal energy k7. That is why in water all ionophores become 
strong electrolytes and are present as independent hydrated ions. 
When nonaqueous solvents of lower dielectric constant are used. 
the equilibrium of ion association is shifted to the right. This shift 
of the equilibrium reduces the number of single ions, increases the 
probability of formation of ion pairs and of more complex ions (sce 
below). lowers the conductance and gives rise to “anomalous” con- 
duction. 

To the second group belong substances consisting of aggregates. 
of molecules, i.e., of neulral uncharged particles. The formation 
of ions on dissolution of such substances and hence the conduction 
of currenl by these ions is possible owing to chemical interaction 
with the solvent. These substances are called ionogens (i.e.. potential 
electrolytes). Acelic acid is a typical example of an ionogen. The 
process of ion formation on dissolution of acetic acid in water. for 
example. can be described as follows: 

(1) acetic acid reacts with the solvent to form a molecular complex 


CH,COOH + HzO = CHCOOH -H.0 
(2) the resulling molecular complex is transformed into an ion 
pair as a result of intramolecular rearrangement 
CH,COOH -H;O = CH;COO-.H;0* 
(3) the ion pair dissociates into free ions 
CH,COO--H,0* = CII4COO- + H30* 


The equilibrium of the last reaction is shifted. as a rule (except for 
very dilute solutions). to the left. Ionogens in aqueous solutions 
are therefore weak electrolytes and poor conductors of electricity. 

According to the Fuoss-Kraus approach (1934-35), in concentrated 
solutions, besides uncharged ion pairs, there may also form triple 
ions. in which the ionic charges do nol cancel 


M*A7 + A7 = Ma; (5.28) 
MtA~ + M* = M;A* (5.29) 


Triple-ion formation may also be treated as the result of the asso- 
ciation of two ion pairs wilh subsequent ionization of the complexes 
formed 

MA + M*AÀ- = GI A-) = MA, + M* (5.30) 
and 

MA + M*A- = (M A-)z = NZA + AT (5.31, 
The concept of triple ions allows one to account for the appearance 
of a minimum on the equivalent conductance-dilution curve. Indeed 
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at high dilutions a solution contains only simple electrolyte mole- 
cules and the corresponding simple ions. With increasing concentra- 
tion the equivalent conductance falls because the equilibrium bet- 
ween the ions and the molecules, described by Iq. (5.27) for the 
indicated dilution range, must shift to the left, i.c.. towards the 
undissocialed molecules. As the concentration continues lo increase 
the formation of triple ions by reactions (5.30) and (5.31) becomes 
possible, and the electrical conductance will begin to increase as 
a result of their direct participation in the conduction of the current. 
Proceeding from these considerations, Fuoss and Kraus derived an 


equation for Lhe dependence of equivalent conductance on the eleclro- 
lyte concentration 


^, = consl, c7'* -L const, cla (9.32) 
c 1 : 


The constants of Eq. (9.32) depend on the equilibrium constants of 
the reactions (3.27), (9.28) and (5.29) and on the limiting values 
of equivalent conductance at zero concentrations of particles MA. 
MAY and MoA*. Equation (5.32) describes a curve with a minimum; 
it can be shown that the concentration Corresponding lo the lowesl 
conductance value can easily be determined if the equilibrium 
constants of the reaction of triple-ion formation and the values of 
their limiting conductance are known. 

When nonaqueous solvents of low dielectric constant are used, 
the difference between ionophores and ionogens is nol so distinct. 
In both cases chemical interaction between solvent and solute acqui- 
res special significance. For instance, in liquid ammonia the con- 
ductances of potassium chloride and acetic acid (the latter being 
present as ammonium acetate) are found to be close both in magnitu- 
de and in the character of Variation with concentration of the solute. 

In order to account for the appearance of a maximum on the con- 
ductance curve frequently observed with concentrated nonaqueous 


electrolyte solutions it is necessary to assume, following Sakhanov. 
thal. along with charged triple ions, there also exist uncharged asso- 
ciated compounds. These c 


ompounds may result, for example. from 
the following reaction 


zA“ + MAD = (MA); (5.33) 

The presence in solutions of this 
ged associated particles | 
influence of such complexe 
is not confined to the pher 


kind of both charged and unchar- 
has been verified experimentally. The 
s on the properties of electrolyte solutions 
homena of ionic conduction. Ji should also 
be taken inlo acconnt in considering equilibrium in electrolytic 
solutions. The formation of jon Pairs, triple ions and uncharged 


complexes must also affect the course of other processes (e. g., difu- 
sion) taking place in electrolytic solutions. 
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‘Thus. under given conditions of lemperalure and pressure the 
electrical. conductance of any system consisting of a solute and 
a solvent is governed by the following factors: (1) the nature of 
chemical bonds between the solute particles in their original stale: 
(2) the character of solvent-solute interaction; (3) the dielectric 
constant of the solvent; and (4) the viscosity of the solution. The last 
two factors are especially important in the case of inert solvents. 
As shown by Fialkov (1965-66), a linear relationship is observed 
here between the logarithm of the product of viscosily by conductan- 
ce and the quantity inverse lo the dielectric constant of the solution. 
He found that if the ratio of the viscosity of an electrolyte to that 
of the solvent exceeds a certain critical value. a maximum appears 
ou the conductivily-concentration curve. 


5.5.3. THE CONDUCTANCE OF SOLUTIONS 
OF SOME METALS IN LIQUID AMMONIA 

Curves similar to the curves of the anomalous conductance of 
electrolyles in nonaqueous organic solvents were obtained in studying 
solutions of alkali and alkali- 
ne-earth metals in liquid ammo- 
nia. On the curve of the molar 
conductance of a solution of po- 
tassinm in liquid ammonia 
(Fig. 5.2) there is a minimum at 
a definite degree of dilution. The 
conductance then increases regu- 
larly with dilution, approaching 
a certain limiting value. Using 
a formal analogy between the 
anomalous conductance and the 
conductance of solutions of me- 
tals in liquid ammonia. one 
could make an attempt lo apply 
the concepts of ion-complex for- 
mation to this case as well. But 
the conductance of solutions of 
metals in liquid ammonia is so 
high that the ions (both simple 
and complex) are incapable of log V 
providing it. These interesting 
solutions differ considerably in Fig. 5.2. Dilution dependence of the 
their nature from solutions of molar conductance of a potassium 
electrolytes in water or in orga- solution in liquid ammonia 
nic solvents. 

Liquid ammonia is a solvent resembling waler in some respects. 

The intrinsic conductance of water is known to manifest itself as 
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à result of ils dissociation according to the equation 

2H.0 = H,0* + OH- (5.24) 
and its dissociation constant at ordinary 
to 10-4. An equilibrium simil 
ammonia 


lemperatures is close 
ar to (5.34) is also observed in liquid 


2NH, = NH; + NH; (5.35) 


But the equilibrium constant of this reaction at —23'C is around 
10-* (according to Monoszon and Pleskov). which is many orders 
lower than the dissociation constant of water. The intrinsic conduc- 
tance of liquid ammonia is therefore markedly lower than that of 
water. Like water, liquid ammonia is capable of dissolving consi- 
derable amounts of alkali metals. For example. at —33.7°C one 
gram-atom each of lithium. sodium and potassium dissolves in 3.7, 
5.5 and 5.0 moles of liquid ammonia. respectively. But. in contrast 
to water, the dissolution of alkali metals in liquid ammonia is not 
accompanied by the decomposition of the solvent and the evolution 
of gaseous hydrogen. On the basis of these and some other data. the 
process of dissolution of alkali metals in liquid ammonia can be 
described by the following equalion 


M + INH, = (M(NH,),}* e (z — y) NH, (5.36) 

Hence the passage of a current 
by metal ions and electrons soly 
accounts for the experimentally 


ductance with dilution. For nea 
Solvation of ions and electrons 


through such solutions is provided 
ated by ammonia. Equation (5.36) 
observed change of clectrical con- 
T-salurated solutions the degree of 
is negligibly small (z-- 0). The 
electrons in such solutions behave as free electrons in metals and 
their conductance must be only slightly different from the conductan— 
ce of metals. The specific conductance of a saturated solution of 
potassium in liquid ammonia is 0.5 X 10* ohm-!-em-!. This value 
is comparable with the conductivity of a metallic conductor such 
as mercury (1 x 10* ohm-! cm“). At the same time the maximum 
conductivity of an aqueous solution of sulphuric acid. one o! the 
best ionic conductors, is only 0.7 ohm-!-em-!. i.e.. is almost four 
orders lower than the conductivity of a saturated solution of potas- 
sium in liquid ammonia. With dilution the degree of solvation of 
electrons increases (z rises), their mobility is considerably reduced 
and the conductance of the solution falls abruptly. At still higher 
dilutions the degree of solvalion ceases to change, but the degree 
of dissociation continues lo increase, which results in an increase 
in the molar conductance. The limiting value of molar conduclance 
at infinite dilution is several times as high as the molar conductance 
of aqueous solutions of electrolytes under the same conditions. 
Such a high conductance may be attributed to the specificity of 
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anions (solvated electrons), for which the Grotthus chain mechanism 
of ionic migralion is even more probable than for protons, and also 
to the lower viscosity of liquid ammonia as compared with water. 
So the conductance of solutions of metals in liquid ammonia is 
a special case of mixed electronic and ionic conduction. The relative 
share of electronic and ionic conduction may vary within wille li- 
mits depending on the composition of the solution. 


5.3.4. SOME OTHER SYSTEMS EXHIBITING 
MIXED CONDUCTION 


Solutions of metals in liquid ammonia are not the sole conductors 
exhibiting mixed conduction. This group also includes gases subject- 
ed to the action of either an electric discharge or radioactive radiali- 
on or heated to very high temperatures. The majority of solid salts 
exhibil ionic conduction of the unipolar type. i.e., the current is 
carried by only one ionic species. For example, in crystals of a silver 
halide the current is carried only by cations and hence the transport 
number of a silver ion is unity. while that of a halide anien is equal 
to zero. Conversely. in crystals of Jead nitrate the transport number 
of the cation is zero and only nitrate ions are mobile in an electric 
field. With increasing temperature. however. almost all solid salts 
shew electronic conduction. They thus become conductors often 
of the semiconductor type. exhibiting mixed electronic and ionic 
conduction. For some solid compounds, say for a-AgeS. mixed 
conduction is observed over a wide temperature range. Typical 
first-class conductors such as amalgams and metallic alloys (especial- 
ly in molten state) show slight ionic conduction when heavy currents 
are passed through them, one of the alloy components being trans- 
ported to the cathode and the other to the anode. The phenomenon 
of current transport by ions in amalgams and alloys has been studied 
insufficiently so far. 


CHAPTER 6 


Diffusion in Electrolyte Solutions 


6.1. BASIC LAWS OF MOLECULAR DIFFUSION 


6.1.1. DERIVATION OF FICK’S LAWS 


_ Diffusion occurs as a result of the inhomogeneily of the syslem, 
i.e., when ils separate parts contain either different substances or 
the same substances but in different concentrations (this gives rise 
to a concentration gradient). The transport processes of difinsion 
can be expressed quantitatively with the aid of Fick's laws. 
Suppose we have a tube of cross section È filled with a solution 
of some substance (Fig. 6.1) the concentration of which decreases 
in the direction of the z-axis. If in this tube we mentally isolate 


LT LE EL IT TTT TL TM EAD 
=. = 


LTT ITT TE LIP LETT LPT 
* r*dr 


Fig. 6.1. The diffusion process (schematic) 


an elementary layer enclosed between z and z -:- dz (its thickness 
being dr and volume Q dz). then the concentration and osmolic 
pressure will be. respectively, c and a on its left and c - dc and 
a — da on its right. As a result. the elementary layer will be acted 
upon (along the z-axis) by an excess force Q da and each particle 
in the layer Q dz by an excess force equal to 


(6.1) 


Under the action of osmotic pressure the particles must move 
g the z-axis with a velocity o given by the equation 


da 
ok = — Vd (6.2) 


alon 


here jk is the coefficient of internal friction. 
w 
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Assuming that the ideal gas laws are applicable to the solution 

in question and expressing da in terms of RT dc. one can rewrite 
(6.2) as follows: 

HT de 


ok f dr 


(6.3) 


The number of particles crossing the section Q in time d! is 
dn = O e dt (6.4) 
or, after eliminating w, 
_ AT of de 4 


1 A 
an yk 


t (6.5) 
Denoting the quantity A7, by A, one gels 
an — 424 ae - dt (6.6) 


Equation (6.6) is known as Fick's first law. The coefficient &. 
called the diffusion coefficient. or diffusivity. has the dimensions of 
cm? -sec^! and indicates the number of particles thal diffuse through 
a unit cross-sectional area (1 cm?) of the solution per I sec. 

In deducing Fick's first law it was assumed that the concentration 
gradient does not change with time and is independent of the value 
of z. Fick's first Jaw is thus applicable to the process of steady-state 
diffusion. Diffusion however does nol necessarily occur under steady 
slate conditions. For example, if the left-hand portion of the tube 
conlaius a solid capable of dissolving in the liquid filling the tube, 
the concentration of the solution will change both in space and 
in lime. Tt will increase and reach a limiting value corresponding 
to the solubility of the substance. and the front of the saturated 
solution will move from left to right. 

The number of particles that will enter the elementary layer dz 
during the time dé is given by 


dn =: — AQ = dc qu 


The number of particles that will 85 the layer during the same 
time dt is 


dn’ = AQ [zx (i ) dr] di 


since the concentration gradients at the right and left boundarics 
of the layer differ by the amount (d/dz) (de/dz) dx. Therefore the num- 


1) When referred to molar quantities diffusivity will be smaller by a factor 
of Nas i. e. 
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ber of particles retained in the layer dz will be 


dn — dn' =AQ 925) dz di 


Qr? 
but 
dn—dn’ ue dn —dn: ade 
N dx dV 
and 
óc 8? = 
(z).- 4 (54), (6.7) 


Equation (6.7) is the general differential equation for the process 


of diffusion and serves as a mathematical expression of Fick's second 
law. 


6.1.2, APPLICATION OF FICK'S LAWS 
TO ELECTROLYTE SOLUTIONS 


Since in deriving Fick's laws no assumptions were made as lo 
the nature of the solute. these laws can equally be used to describe 
the diffusion of electrolytes. Thus, using Eq. (6.3), one can write 
for the diffusion velocities = and w_ of positive and negative ions, 
respectively, 

o= US cde, (6.8) 

HN A dz 

and 


RT dc. . 
— mem 60 
— K -NA dr p ) 


According to Eq. (4.13) 


and 


2F 
jk-No 


which in combination with Eqs. (6.8) and (6.9) yield the velocities 
of diffusing ions 


n= 


O RTB | de, 
o=- RET (6.10) 
und 
RT I dc. 
. — DR a (6.11) 


In accordance with Eqs. (6.6), (6.10), and (6.11) the number of 
positive gram-ions diffusing through the cross-sectional area Q in 
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lime d£ is equal to 
AT 


zF 


dn, Me, dt = — 


0 d + * o4 
vt T dt (6.12) 


and. accordingly, the number of negalive gram-ions 
RT 
- F 


dni. - q“ — cese dt (6.13) 


From expressions (6.12), (6.12), and (4.21) it follows that 


Aces (6.14) 
EN: 
and 
a. D ue E (0.15) 


where Ay and A_ are the diffusion coefficients of cations and anions; 
these coefficients have the same dimensions as the diffusion coeffi- 
cient & (cm? sec). 

In a general case the mobilities of cations and anions are not 
equal (2° 5€ 49) and hence their diffusion coefficients are not equal 
either (A. A-). Therefore, at the same concentration gradient 
positive and negative ions diffuse with different velocities. Suppose 
that there is a boundary between two solutions of hydrochloric acid 
whose concentrations are. respectively, c and c — de; then more 
hydrogen than chloride ions will diffuse in a certain time to the low- 
concentration side since 2j > Ji. As a result, an electric potenti- 
al gradient (a potential difference) develops between the high- and 
low-concentration sides, the dilute solution being positively charged 
in this case”. This potential difference will retard the faster hydrogen 
ions and accelerate the slower chloride ions. As the electric potential 
gradient increases both types of ions will begin to move at tlie same 
velocity and the diffusion of the electrolyte will occur in the same 
way as the diffusion of undissociated molecules. The stationary 
potential difference set up inside the solution due to the differences 
between ionic mobilities is called the diffusion potential pa. 

Thus, the diffusion of an electrolyte in solution arises as a result 
of the operation of two gradients: the concentration gradient and 
the electric potential gradient associated with the diffusion potential. 
On this basis onc can write for the velocities of positive and negative 
ions: 


( .] — =F Ces a dr (6.16) 
E RT vd dc. , o aby 7 
es ee en de. ae (6.17) 


D [n all cases the dilute solution will acquire the charge carried by the 
moro mobile ion. 


10-0362 
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or 
= r. (HIL de. p dpa 12 

0. — — 205 (= TE J T) (6.18) 

= 2 (RT de, pdu 6.19 

8 y (= "dr - a2) (6.19 


where dipy/dz is the electric potential gradient corresponding lo the 
diffusion potential py. In a steady-state diffusion process al equal 
ionic charges (24 = z. = z) and concentrations (c. =. ce. c) the 
velocilies of cations and anions are also equal, (@ =- w_); therefore 
da RT vou de 6.20 
ii ————.——.— y. él 
zF dr ce B-l dr ( ) 
Since o4 = w. the value of ZF dyafdæ can be substituted into any 
one of Lhe equations for ionic velocity, for example, into Eq. (6.17); 
this substitution yields an expression for the velocity of the electro- 
lyte as a whole 


i$ (RT de , RT 2 —v9 de 


(. L.. ee dc 6.21 
e oF (c dr * 7 5 25 ( ) 


or 
Pelr? RT de . 9. 

— ee 6.22 

OS F e (5.23) 


The number of diffusing moles is equal to 


dn = wQe dt 
and, consequently, 
ibl 2 5 de 3.23 
dee ＋ (oras) RTQ T dt (6.23) 
where 
208.2 m 
FQ NT = Aen (6.24) 


represents the total diffusion coefficient of the electrolyte. 

Combining the equation of the total diffusion coeflicient of the 
electrolyte, Aci, with the formulas for the diffusion coefficients of 
positive and negative ions, Ay and Ar, one can express the diffusion 
coefficient of the electrolyte in terms of the diffusivilies of its con- 
skituent ions. For binary electrolytes 


23.4. 3.25 
9.25 
Au =A (8:23) 


or for any type of electrolyte 
(3,122) A. 


Ben = 2,4, TA 


(6.26) 
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For practical calculations of the diffusivity of an ionic species i, 
A,. the following formulas can be used: 


77 
A, = 8.96 x 10-10 +. cm? sec^! (6.27) 
or 
A714 10°57 , em? day! (6.28) 


The diffusion coefficients of some ions at 25°C calculaled by Eq. 
(6.27) are presented in Table 6.1. 


TADLE 6.1 
The Diffusion Coefficients of Some Individual 
Ions 
Ius, i 3. 
„ ate n Se 
ur 9.34 lai: 5,23 
Lit 1.04 10 2.08 
Nat 10 (lt coo- 1.09 
Kt 1.98 SOi- 1.08 
Pb** 6. 98 1 CrOi- 1.07 
Cut? 0.72 
Ni?* 0.69 
Zn?*t 0.72 


The diffusion coefficient of a 1: 1-valent electrolyte can be con- 
veniently calculated from the formula 
2, 2929 K 
Acu == 0.194 U T, cm?.day^! (6.29) 
TABLE 6.2 


The Diffusion Cocflicients of 1: 1-valent 
Electrolytes at 18°C 


Electrolyte Dory (exh.) Aen eal.) 


! 
LiCl 1.000 0. 949 
NaCl 1.170 1.473 
KCl 1.466 1.460 
KOH 1.903 2.109 
HCl 2.324 2.431 
CHCOOH 0.930 1.368 
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obtained from Eq. (6.24) by substituting the numerical values of 
the constant quantities and using the day (24 hours) as the time unit. 

The diffusion coefficients of 1: {-valent electrolytes calculated 
from Eq. (6.29) and the respective experimental values are given 
in Table 6.2. It was assumed in calculations thal the degree of 
dissociation of the electrolytes is unity. The agreement between 
the theoretical and experimental values is fairly good; an exceplion 
is acetic acid because of ils low degree of dissociation. 


6.2. ION-ION INTERACTION DURING THE DIFFUSION 
OF ELECTROLYTES 


The values of diffusion coefficients given above refer to infinitely 
dilute solutions of electrolytes and are thus “ideal” coefficients of 
diffusion. The experimental values of diffusion coefficients do nol 
remain constant as the concentration changes and decrease with 
increasing concentration. as a rule. Data on the concentration de- 
pendence of A, for some electrolytes are listed in Table 6.3. For 


TABLE 6.3 


The Concentration Dependence of Diffusion Coefficients al 25°C 


Diffusion coefficlents at a concentration of, mole !'c6 g solvent 

Electrolyte ST ne TTL . L— ſ——ö— —⅛ 

utoy o. vol Dm | ool | 0.05 | u.i | "lh 1. 0 | 4.0 
HCl — ]|3.073 3.050 15.154 13.436 5.77 
Licl 1.312 1.280 | 1.267 | 1.278 1.02 — 
CaCl, — |1.121 | 1.110 1.1% 1.203 — 
(XII ). SO. — 0.802 0.825 0.933 0.011.135 
ZnSO, — — — — — — 
LaCl, — = — — — 


| eae 
most electrolytes the variation of the diffusion coefficient Aey with 
concentration is expressed by a curve with a minimum. 

The concentration dependence of the diffusion coefficient of an 
electrolyte is attributed to the forces of interaction between diffusing 
ions, the hydration phenomena taking place in the electrolyte and 
the increase (or decrease) of the viscosity of the solution. None of 
these effects were taken into account in the Nernst theory of electro- 
lyte diffusion on which all the above equations are based. 

In considering the effect of interionic forces on the diffusion of 
electrolytes one should take into account the specific nature of the 
diffusion process. Diffusion differs from electrical conduction 
in that positive and negative ions move in the same direction, whereas 
under the effect of a current they move in opposite directions. Fur- 
thermore, when a steady state is reached all the ions of an electrolyte 
diffuse at the same velocity, while under the influence of an electric 
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current they move independently of one another with different 
velocities. In view of this, the electrophoretic and relaxation forces 
associated with the ionic cloud reveal themselves during the diffu- 
sion of electrolytes differently than in the case of electrical conducli- 
on. In a solution at equilibrium all the ions are in a state of random 
molion in which the central ion aud the ions belonging to the ionic 
cloud may move eilher in the same or in opposite direclions. lf 
diffusion is regarded as a process associated wilh slight deviations 
from the equilibrium state. then, in contrast to the Nernst theory. 
Lhe difference of real chemical potentials, rather than the drop of 
osmotic pressure, should be looked upon as one of its driving forces. 
Another force is identified. as in the Nernst theory, with the electric 
field sct up during the movement of oppositely charged ions migrat- 
ing with different. initial velocities. The need to use real chemical 
potentials calls for introducing the activity coefficients of electrolyte 
ions into the diffusion equations. The diffusion coefficient A for 
a real solution is related to the Nernst diffusion coefficient A* as 


follows 
a 4Iln 
A=A0 (1 +e) (6.30) 

Equation (6.30) agrees satisfactorily with experiment for dilute 
solutions, especially for electrolytes of low valency. Its agreement 
with experimental data becomes worse in the case of stronger solu- 
lions aud polyvalent electrolytes. The best fit between theory and 
experiment can be obtained if the following factors are taken into 
account: (1) the modified electrophoretic and relaxation effects: 
(2) the transport of water molecules by diffusing ions; (3) the move- 
ment of water molecules in the direction opposite to diffusion; 
and (4) the variation of viscosity with concentration. 

The difference between the process of diffusion. on the one hand. 
and electrical conduction and the equilibrium state of electrolytes, 
on the other, must lie in the character of the ion-ion interaction. 
It would therefore be wrong to use the activity coefficient f or the 
conductance coefficient f; as a correction factor in considering diffu- 
sion. In this case it is necessary to introduce a special coefficient fu. 
which would take into account the forces of ionic interaction speci- 
lically for the process of diffusion. This coefficient may be termed 
the interaction diffusion coefficient. It can be determined from the 
equation 
A = AS, (6.31) 
In computing the value of fa one should reckon with the specific 
nature of diffusion processes. As already noted, during the diffusion 
of electrolyte solutions the ions move in a single common direction 
and acquire the same velocity when steady-state diffusion sels in. 
Thus, the motion of oppositely charged ions largely loses its specific 
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nature, which is inherent in them in 
is retained when an electric current is passed through it. The loss 
by the ions of their ability to move independently is Lo a certain 
degree equivalent to the formation of ion pairs or larger clusters 
of ions. The ion-pair concept is usually used in considering the 
properties of electrolytes in the region of high concentrations. [t 
does not extend to the region of dilute solutions. for which the beha- 
viour of electrolytes is satisfactorily described on the basis of the 
Debye-Hückel concepts of the ionic cloud. In the case of the diffusion 
of electrolytes, however, when the central ion and the ionic cloud 
move in the same direction, the central ion-ionic cloud system may 
be treated as a special case of ion pair with an interionic distance 
equal to the radius of the ion cloud. 1/4. The ionic cloud may here 
be identified with a particle situated at the indicated distance from 
the central ion. moving along with it in the direction of diffusion 
and bearing a charge opposite in sign and equal in magnitude lo 
the charge carried by the central ion. V. Kiryanov (1961) examined 
the concentration dependence of the diffusion coefficient. using the 
ion-pair concept. After certain simplifications the basic equation 
obtained by him can be pul down in the form: 


= AYT Bo) (6.32) 

where ¢ = molar concentration 
A and B = complex coefficients, both dependent on the ionic 
charge. the dielectric constant and temperature of the 


solution, and B, also on the interionic distance in the 
ion pair. 


Though Eq. (6.32) has not bee 
less reflects correctly the char 
coefficient with conce 
coinciding in form w 


an equilibrium solution and 


n tested quantitatively, it neverthe- 
acler of variation of the diffusion 
nlration and helps to obtain a \ vs. c curve 
ith. the experimental graph. 


6.3. TILE DIFFUSION POTENTIAL 


6.3.1. THE THERMODYNAMIC TREATMENT 
OF DIFFUSION POTENTIALS 


The diffusion potential arises w 
equal and there is a concentr 
as an equilibrium potential, t 
for a long time under the 
the diffusion process itself, 
a slight departure from the 
thermod ynamically. 


Consider the most general case when lwo solutions I and II of 
different composition and concentration are in contact (Fig. 6.2). 


hen the ionic mobilities are nol 
ation gradient. It cannot be regarded 
hough its value may remain unaltered 
condilions of steady-state diffusion. Like 
the diffusion potential is associated with 
equilibrium state and thus can be treated 
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The two solutions are separated by a layer (an interphase region) 
of transitional composition and concentration. IU is in this inlerphase 
region that the diffusion potential is localized. Neither the structure 
of the interphase region. nor the law by which its composition and 
concentration change are known. II may however he stated that, 
if we mentally isolate in this region an elementary layer of thickness 
dz extending from AA lo BB and 
assume that on the left of AA the 
aclivilies of solution particles are 
ay, dz, / and ap, then on the right 
of BB the activities will differ 
from these values by infinilesimal 
amounts. When one faraday of ele- 
ctricity is transported. irreversibly 
and isothermally, through the iso- 
lated system. its composilion will 
change. and so will its free energy. 
We will denote this free-energy 
change by dG and express il in 
terms of chemical potentials: 


dG -= Xm, du; 
Since 


du; = RTd ln a; 
then 


dG =- RT Xmjd ln a (0.33) Fig. 6.2. The most general case 
! i d of two solutions in contact. giving 


If the fraction of the current car- rise to a diffusion potentint 


ried by a given ionic species is fj. 
then the ralio £j/z; will be equal to the number of gram-molecules 
of the transported substance: 


ti 
m; a 
from which and according to Eq. (6.33) 
dG = ATE dina (6.34) 


Al the same time the free-energy change here corresponds to electri- 
cal work 
dG = — Fd (6.35) 
where wa is the diffusion potential. Replacing dG in Ed. (6.34) by 
its value from Ed. (6.35) and solving the resulting equation for 
tpg. one can obtain, upon integration, the following general expressi- 
on for the diffusion potential between the solutions I and II: 


yan — S zidna (6.36) 
its 
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6.3.2, THE PLANCK AND HENDERSON 


Equation (6.36) contains individual ionic activities which are 
not thermodynamically measurable, and any attempt at thermo- 
dynamic determination of diffusion potentials is doomed to failure. 
The values of wa can be calculated if cerlain assumptions are made 
as lo the structure of the inlerphase region (diffusion layer). the 
character of changes in ionic activities and ionic mobilities there. 
elc. Equation (6.36) was first solved by Planck in 1890. who assumed, 
firstly, that ionic mobilities are independent of concentration and 
the properties of tbe solvent undergo no change upon transition 
from solution I to solution II and secondly, that the ions dilfuse 
within a strictly limited Space on either side of which are solutions 
L and II whose concentrations remain constant. This occurs when 
two different solutions move parallel to each other. owing around 
both sides of a thin glass diaphragm. [t should be noled that since 
the activity concept was unknown at the time, the Planck theory 
is applicable to the case when the activilies and concentrations are 
equal (a; = cj). On the basis of these assumplions one can obtain 
the following equation for the diffusion potential 


THEORIES 


a= Ins (6.37) 


where 5 is a certain transcendental function; it can be 


found from 
the relation 


I 
MEET Sei 

L. iciß — L iel In — ln d 
> 


; " ; 
"EP Ycig — Nei 
= =, 
i— L. icis "ei Sei — cit 
— IH — 4 - cis 
x In teln 5 3 
E 


(6.38) 


Xei 

by the iteration method, i.c., by successive choice of such values 
of E which would best equalize the two sides of Eq. (6.58); the single 
prime refers to solution 1 and the double prime, to solution Il. 

Another method for determining pa was proposed by Henderson 
in 1907. Using the basic assumptions made by Planck. Henderson 
assumed, in addition, that in the diffusion layer tlie concentration 
is changing gradually from solution I to solution II. The concentra- 
tion of the solution at any point can therefore be expressed as the 
sum (1 — z) I + II, where (1 — z) is the fraction of solution I 
and z the fraction of solution II. The value of z varies from zero to 
unity in the direction from left to right. from point 1 to point 2, 
To this model of the interphase region (diffusion layer) there cor- 
responds the following equation for the diffusion potential: 


s cm : 
dam F. n Sei (6.39) 
^— Sh (ei ei) L. ici 
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Here again the single prime stands for solution 1 and the double 
prime for solution II. When substituting the valencies z; into Fq. 
(6.39). one should take them with the sign of the particular ion. 

Apart from the above two methods for calculating diffusion or 
liquid junction potentials, other methods were also proposed: the 
most effective. however. is the method developed by Henderson. 

Equations (6.38) and (6.39) are not used. as a rule. because they 
are cumbersome in their general form. Besides. simple special cases 
are more important in practice. Two such cases are discussed below. 

1. Two solutions of one and the same electrolyte MA but of diffe- 
rent concentrations. c“ and c. For this special case the Planck and 
Henderson equations simplify to 


— (6.46) 


Substituting the activities for the concentrations. one can apply 
Eq. (6.40) lo concentrated solutions. In this case 
RT 7. —7. a’ 
a= In (6.41) 
where the ionic mobilities 4. and 4. must correspond to the ionic 
activities in solutions I and II. 

2. Solutions of two dissimilar electrolytes with a common ion 
(for example, M'A and MA), the concentrations of the electrolytes 
being equal, c = c". For this case the Planck and Henderson equati- 
ons reduce to the form 

RT 4 A. 
be = F In N= (6.42) 


Taking into account thal A9 + 2° = Ao, one can write, in place 
of Eq. (6.42): 

M 
E 


4 Eus In (6.43) 


6.3.3. EXPERIMENTAL DATA ON DIFFUSION 
POTENTIALS 


Some values of diffusion potentials, both experimental and cal- 
culated by Eq. (6.43), are given in Table 6.4. The highest. diffusion 
potentials are observed in those cases when one of the solutions used 
is an acid, because the mobility of the hydrogen ions present in 
acidic solutions (e.g. in a solution of hydrogen chloride) exceeds 
the mobilities of all other ions. It can be seen from Table 6.4 that 
the disparity between the experimental and calculated values of 
diffusion potential, though not great, reaches several millivolts, 
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TABLE 6.4 


Comparison of Experimental and Calculated Values 
of Diffusion Potential 
— . G 


Boundary 


"aleulated 
———— Áo d 


IICl — Kl 0.f | 38.5 
HCI- KCl 0.01 27.5 
HCl — Nac ud | 33.4 
Hcl 0.01 32.0 
IICI — Licl 0.1 36.1 
IICI — LiCl 0.01 M.6 
NaCl — LiCl 0.01 PRI 
KCI — LiCl 6.01 7.1 


exceeding permissible experimental errors. For this reason it is nol 
recommended 1o use Eqs. (6.40) and (6.43) or the general equation 
(6.39) for accurate calculations of diffusion potentials. 

Methods have been proposed for diminishing the diffusion potenti- 
al at the boundary between two different solutions and thereby reduc- 
ing the error introduced by il into the emf measured. One of these 
is the salt bridge method. It consists in interposing between two 
solutions a concentrated solution of an electrolyte wilh nearly equal 
cationic and anionic mobilities. In this case one liquid junction 
is replaced by two; the diffusion potential at each junction (or bonn- 
dary) is smaller than at the original boundary. Moreover. ihe diffu- 
sion polenlials at the two boundaries are often opposcc in sign. as 
à result of which the total diffusion potential is reduced. In such 
salt bridges use is made of saturated solutions of pot assiui chloride 
or ammonium nitrale whose cationic and anionic mobilities are 
nearly equal (see Table 4.2). Since diffusion potentials cannot be 
completely eliminated by this method. in measurements requiring 
high accuracy systems are constructed in which there is no interface 
(and thus no diffusion potential) between two different solutions. 

The absolute value of diffusion potentials (Table 6.4) is small 
and does not exceed several lens of millivolts. That is why. in indu- 
strial electrochemistry diffusion potentials. as a rule. are ignored. 
True. measures are taken occasionally, for example. in the industrial 
electrolysis of water. to reduce diffusion potentials in order to cul 
down power consumplion. . Pw 

There are grounds for believing that diffusion potentials along 
with membrane potentials, which are the domain of colloid chemistry, 
play an important part in the vital activity of animals and plants, 
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CHAPTER 7 
Equilibrium Electrode Potentials 


7.1. THERMODYNAMIC EXPRESSION 
FOR EQUILIBRIUM ELECTRODE POTENTIAL 


Suppose the following reaction proceeds reversibly and isother- 
mally in an electrochemical system: 
y =F n A 
vA vgD-- .. . ZA obo vM... 


Al constant. pressure the change of the free energy G in Ihis reaction 
corresponds to the electrical energy of the system: 


—AGr, p = zFEy, p 
and the reversible emf of the system will be defined as 


SET (7.1) 


Er. 7 — =F 


At the same time, according to Eq. (1.43). 

AG = Xuv 
where v, is the stoichiometric number for the component possessing 
the chemical potential ju; here. all the values of v; are taken as 


negative for the reactants and as positive for the reaction products. 
Since. according to Eq. (2.27). 


w; = p? RT In aj 
then, in place of (1.43). one can write 
AG = Xufv, . RT Xv, In 45 
or, taking into account the signs before v;. 


array" ates 
AG - Spiv; i RT n — 
acap 
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where a positive value is assigned to all the stoichiometric numbers 
v, contained in the logarithmic term. If the activities of all the 
substances participating in the reaction are equal to unity. i. e., 
if for any of them a, = 1, or if a; 41 but 

v 9 vy 

aj! ay! sae 


vay, 
Ag D 
aap... 


=1 


then 
AG = AG = Luv, = RT In K 


where AG? = standard change of the free energy 
K = equilibrium constant of the chemical reaction in 
question at definite temperature and pressure. 
The quantities AG? and K have the same meaning here as in the 
familiar equation of the chemical reaction isotherm 


AG = RT ln K + RT In ar! (7.3) 
On the basis of Eqs. (7.1) and (7.2) one can write: 


v v 

af Las 
L "M (7.4) 
Aan 

4 an see 
From Eq. (7.4) it follows that, at a, = 1 for each com ponent and 
also when the logarithmic expression in the second term on the 


right-hand side of the equation is equal to unity. 


RT e RT 
E= n ln K — pln 


RT 
E=- ink (7.5) 


This value of the emf corresponding to the equilibrium constant 
of a current-producing electrochemical reaction is denoled by Æ 
and is called the standard emf of an electrochemical system, or cell. 
Thus, the emf of any equilibrium electrochemical system is a functi- 
on of the standard emf and of the activities of the participants of 
the electrochemical reaction and is given by the equation 


ln (7.6) 
. ag 
or, in the decimal system, 
: RT ann es s 
E = E° 4 2.303 — log A (7.7) 
Dey 


The value of the prelogarithmic factor in Eq. (7.7) as well as in 
Eq. (7.6) is a linear function of temperature. For any temperature 
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T it can be found from the formula 
6 f = 
2s y (7.8) 


Some values of the factor 2.3022 TF (which will further be denoted 
as b?) in Eq. (7.7) are presented in Table 7.1 for temperatures ranging 
from —50 to 150°C. 


TABLE 7.1 
values of the Factor 60 = 2.303 RT/F for Different Temperatures '' 
ETUDES 
ec ee ; 4 * | ue 
i 

50 0.0% i 0.0601 
— 0 0.0542 0.0621 
EN 0.0552 0.0661 
-1-20 0.0578 0.0740 
-L25 0.0592 0.0840 


— 


D The temperature 25°C is adopted as standard. Most of the values of the various 
electrochemical quant! tes have heen determined at this temperature. 


... — — € — —— ORDRE 


At room temperature (18-22?C) the value of be may he taken as 
0.06 V with sufficient accuracy. 

Equations (7.4) and (7.6) lack certainty in the sense that it is 
not always possible to establish which of the participants of the 
reaction are the reactants and which the resultants. Therefore. unless 
some additional conditions are introduced. the emf's may turn out 
to be of opposite sign for one and the same electrochemical system. 
Such a:iditional conditions have been worked out and recommended 
for general use by the International Union of Pure and Applied 
Chemistry (IUPAC); their significance will become clearer after 
the concept of “single electrode potential”. or “electrode potential”. 
is introduced. 

One of the basic features of an electrochemical system is the 
spatial separation of the participants of the reaction taking place 
in it. Thus the overall current-producing reaction consists of lwo 
partial reactions. each occurring at the respective electrode. Accor- 
dingly, the emf of an electrochemical system, which reflects the 
change of its chemical energy in the course of the overall reaction. 
must also represent the sum of two electrode potentials. Each of 
these corresponds to the change of the chemical energy during the 
respective electrode reaction. Thus 


E = ei 1 es (1.9) 
where e, and ez are the electrode potentials. 
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Suppose that the following reactions proceed at the first and the 
second electrode, respectively: 


wat... EP yb (7.10) 
vaD . EF yyM (7.44) 
Then, in place of Eq. (7.7), one can write 
to a an 
E=e ez ef- log A - ee -E - log ^P (7.12 
= al z ay 
" M 


where ef and ej are standard electrode potentials, their sum being 
equal to 


e+ el = EF? (7.13) 
From Eqs. (7.7) and (7.12) it follows that the equation for the 


electrode potential has the same form as the general thermodynamic 
equation for the emf of an electrochemical system: 


LRE ag... = 
— 0 M 4 
5 In T (7.14) 
41. 


with the only difference that it includes the activities of the sub- 
stances taking part in the respective electrode reaction. The standard 
electrode potential corresponds to the potential of a reversible 
electrode when the activity of each of the participants of the electro- 
de reaction is equal to unity, i.e.. a; = 1. or when a; 2:1 but the 
product of the activities of all the participants is equal to unity. 

Experimentally, one can determine only the value of E or £*. 
i.e., only the sum of electrode potentials e, and ez. or c? and e:. 
but not the potential of cach electrode separately. The quantities 
e, and e; may be given any values provided that their sum satislies 
Eq. (7.9). To eliminate the uncertainty of & values somc additional 
condilion should be introduced. 

This additional condition usually consists in selecting a reference 
electrode. whose potential is taken to be equal to zero, all other ele- 
ctrode potentials being referred to it. In this case electrode potentials 
are expressed on an arbitrary or relative scale, their values depending 
on (he nature of the adopted reference electrode. Nernst proposed. as 
the arbitrary zero. the potential of a hydrogen electrode al a unit 
hydrogen ion concentration and a hydrogen gas pressure of 1 atm. This 
arbitrary scale is called the hydrogen scale. Another idea. suggested by 
Ostwald. is lo use, as the reference potential for the arbitrary scale, 
the potential of a mercury electrode under conditions in which its 
charge with respect to the solution is zero. Assuming that in this 
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case not only the charge but also the potential of the mercury ele- 
clrode is equal to zero, Ostwald named his scale the absolute potential 
scale. At present the arbitrary hydrogen scale is mainly used. in 
which the potential of the standard hydrogen electrode (SHE) is 
chosen as the zero at all temperatures. II differs from the Nernst 
hydrogen scale in that unit activity and unit fugacity are chosen 
in place of unil concentration and unit pressure. Thus. clectrode 
potentials can be determined on the hydrogen scale at all temperatu- 
res. Their direct comparison is impossible however since the 
hydrogen electrode. potential may vary with temperature. i.c.. the 
arbitrary zero will nol be the same at different temperatures. 

In certain cases. for example. in polarography. electrode potentials 
are referred to a normal calomel electrode; they can however be 
readily converted to hydrogen scale units. 


7.2. INTERNATIONAL CONVENTION 
FOR ELECTROMOTIVE FORCE AND ELECTRODE 
POTENTIALS 


The adoption of the hydrogen scale made it possible to assign deli- 
nite numerical values to the potentials of the various electrodes 
and lo compare them. It did not however eliminate the uncertainty 
associated with the use of the equations for electrode potentials (7.7) 
and (7.14) and with the resolution of the question which substances 
should be regarded as the reactants and which as the reaction pro- 
ducts. This uncertainty once led to a parodoxical situation where 
America and Europe used opposite signs for electrode potentials 
(though their absolute values were identical. of course). To unify 
the sign system for electrode potentials. the IUPAC agreed at Stock- 
holm in 1953 to adopt the European sign convention for general use 
in al! countries of the world. The adoption of the convention for the 
signs of electrode potentials is associated with the introduction 
of definite rules for writing the constituents of an electrochemical 
system. or cell, the overall electrochemical reaction and partial 
electrode reactions. At present, any electrochemical system is written 
as follows: (1) the material of one of the two electrodes in the cell: 
(2) the solution in contact with it; (3) the solution in contact with 
the other electrode: and (4) the material of the latter electrode. 
In this notation the electrodes are separated from the adjoining 
solutions by a single bar. and two different solutions either by a 
double bar indicating that the diffusion potential (liquid junction 
potential) has been completely eliminated or by a dashed line if 
it persists. If an electrode or a solution contains two or several 
different substances, the latter areseparated by a comma (or commas). 

For example. the notation 


Pl. II: / HCI//CuS0./ Cu (7.15) 
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corresponds to an electrochemical system. or cell, consisting of 
a hydrogen electrode immersed in a solution of hydrochloric acid 
and a metallic copper plate dipped into a solution of copper sulphate; 
the diffusion potential at the boundary between the two solutions 
in this cell has been completely eliminated. The hydrogen electrode 
is a metal plate (usually, with a sufficiently developed surface) 
in contact with hydrogen gas and immersed in a solution containing 
hydrogen ions. Instead of the substances in solutions, one may wrile 
only the potential-determining ions. The cell (7.15) may be written 
thus: 

Pt, HH *//Cu* Cu (7.16) 


since the potential of the electrode on the left depends on the hydro- 
gen ion concentration, and the potential of the right-hand electrode 
on the concentration of cupric ions. 

The electromotive force (emf) of a cell is equal to the potential 
of the electrode on the right provided that the potential of the electro- 
de on the left is zero. The electrode potential is the emf of a cell 
with a given electrode on the right and an SHE on the left. The 
diffusion potential must be eliminated. The emf and the electrode 
potential are therefore determined by one and the same equation: 


E = E, — & = ey (7.17) 


in which r stands for the electrode on the right and “ for that on the 
left provided that when determining the electrode potential the left 
electrode is a standard hydrogen electrode; the subscript H signilies 
that the electrode potential is expressed on the hydrogen scale. The 
cell emf is considered positive when the electric current in the electro- 
lysis circuit flows from left to right, and negative when the current 
flows in the opposite direction. Equation (7.17) defines the emf 
of a cell as the difference between two electrode potentials each of 
which is expressed on the same conventional hydrogen scale. Equati- 
ons (7.9) and (7.17) yield the same result if 


—€& = E, 
and 
£j = E, 


Suppose we are to measure the potential of a zinc electrode using 
the hydrogen scale. In order to obtain for the zinc electrode the sign 
of its potential conforming to the International convention. the 
electrochemical system should be written thus: 


Pt, He/H*//Zn?+iZn (7.18) 


Since the cell emf is equal in magnitude and identical in sign with 
the potential of the metallic conductor on the right, the potential 
of the metallic conductor on the left is taken to be zero. ‘The reaction 
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proceeding in this cell is written as follows 
H, ＋ Zn?+ = 2H* + Zn 


If the electrode on the left is a standard hydrogen electrode. then 
the cell emf will be equal to the zinc electrode potential. The reaction 
corresponding to the potential of the zinc electrode must therefore 


be written as 
Zn?* -- 2e = Zn 


and the zinc electrode represented as 

Zn**/Zn 
Only when the reaction is wrilten in this way, i.e., when the zinc 
ions are regarded as reactants. and the metallic zine as the product 
of the reaction, will the application of formula (7.14) yield the sign 
of the zinc electrode potential in accord with the International 
convention, It is known from experiment that in the cell (7.18) 
positive electricity flows from right to left and hence the emf as 
well as the zinc electrode potential equal to it will be a negative 
quantity v. If one writes. in place of (7.18), 


Zu/Zmi*//H*/H»s, Pt 
the flow of the current will be reversed, i. e., it will flow from left 


lo right. and the cell emf will be positive; this however is no longer 


equal to the zinc electrode potential. 
The potential of a half-cell corresponds to the definition of the 


electrode potential if it is wrilten so that the substances in solution 
are placed on the left, and the electrode material on the right of 


the bar 
Zn**/Zn 


CI Cle. Pt 

Fe?*, Fe?*/Pt 
The other half-cell placed on the left is here taken to be a standard 
hydrogen electrode. Reactions giving rise to an electrode potential 


should be written so that the oxidized forms (reactants) are on the 
left-hand side of the equation and the reduced forms (resultants) 


on the right-hand side: 
Zn3*-2-2e = Zn 


1 = 
2 cel 


Fe% g e = Fe 


1) This implies thnt measures have beon taken to eliminato the diffusion 
polential (liquid junction potential) and so it is not included in the cell emf. 


11-0353 
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The recommendations of the Stockholm convention were the 
subject of discussion at the 17th session of the International Commit- 
tee of Electrochemical Thermodynamics and Kinetics (CIT CE. Japan. 
1966). The nomenclature panel of the Committee suggested that the 
use of the terms "electromotive force" and "potential" should be 
limited and the term "voltage" used on a wider scale retaining tlie 
word "potential" only in such combinalions as "electrical (electro- 
static) potential" and "chemical potential". It was recommended 
to replace the term "electrode potential" by “electrode voltage" and 
to use the concept of “electromotive force”, which is equivalent to 
"chemical potential of an electrochemical cell, or system“. only 
in connection with free energy change occurring in the course of 
a reversible electrochemical reaction. and to define it with the aid 
of the equation 


As to the quantity measured experimentally it was recommended 
lo use the term “the voltage of a system (cell)" or “the electrical vol- 
lage of a system (cell)" and to designate it by the letter U. The 
quantity U is defined as the difference between the inner potentials 
(see page 211) of two identical conductors connected 1o the electrodes 
of an electrochemical cell. The cell notation is the reversed notation 


used for defining the emf. For example. the cell (7.15: is constituted 
thus: 


Cu'/Zn/Zn**//H */H;, PUCu 


and the voltage across the cell is measured as the di? rence between 
the inner potentials in the conductors Cu' and Cu. if the cell is in 
electrochemical equilibrium, then from the definition of the emf 
and voltage it follows that 


E+U,=0 


where U, is the reversible voltage across the cell. Naturally 


Similar definitions are proposed for the electrode voltage. When 
a current J is passed through a cell, the voltage must always he equal 
to U, but the emf (E = — U,) is pegged specifically to the equilibri- 
um state and is not a function of current intensity. 

The suggestions made by the Nomenclature Commission have not 
yet gained universal recognition and therefore further in this book 


electrode equilibrium will he treated in accord with the Stockholm 
convention. 


Ch. 7. Equilibrium Electrode Potentials 163 


7.3. CLASSIFICATION OF ELECTRODES 
As follows from Eq. (7.14) 


T ai^ 
= g . In — 
F ajl 


the potential of any electrode at a given temperature and pressure 
is determined by the magnitude of the standard polential e? and 
the activities of the substances taking part in the electrode reaction. 
The standard potential is a constant which is specific for each electro- 
de. while the activities of the reacting species may be different, 
depending on the concentration of the reaction medium. The effect 
of the activities of the species involved on the electrode potential 
is directly associated with the nature of the electrode reaction, and 
this relationship lies at the basis of the classification of electrodes. 
It is customary to distinguish electrodes of the first or second kind, 
gas. redox. and some special types of electrodes. 


7.3.1. ELECTRODES OF TILE FIRST KIND 


Metal electrodes of the first kind can be represented schematically 
as 
M**+/M 
and non-metal ones (metalloids) as 
Me^ 7;Me 
The electrode reaction is wrilten accordingly 
M+ +ze=M 


or 
le — ze = Me*~ 


—- 


Substiluting the activities of the species involved in the clectrode 
reaction into the general equation of electrode potential (7.14) yields: 


RT 412“ 5 
=e a AE an cM 
Eset yy = EMM SF In Tm (7.19) 


for a metal electrode of the first kind and 


— - RT ane 7 9 
Ete? ye 7 Met V vie 2 I — (7.20) 

Me“ 
for a non-metal electrode of the first kind. Considering that the 
activity of a pure solid at a given temperature is constant and assum- 
ing it to be equal to unity, expressions (7.19) and (7.20) can be simpli- 
11> 
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fied to 


w & 
— p? ] : 
Ext EN M m log a4,:« (7.21) 
and 


Bw ‘ 

E yet7 jue 7 Ee? ja — T log de- (7.22) 
lt can be seen from Eqs. (7.21) and (7.22) thal che potential of an 
electrode of the first kind depends on the activity of only one ionic 
Species. The ions thal govern the magnitude of electrode potential 
are called potential-determining ions. In the case of metal electrodes 
of the first kind the cations of the metal, and with non-metal electro- 
des the anions of the non-metal play the part of potential-determin- 
ing ions. A silver plate immersed in a solution of silver nilrale. or 
a copper plate dipped in a solution of copper sulphate are typical 
examples of metal electrodes of the first kind. A silver electrode of 
the first kind is represented as 


Ag*iAg 
with the electrode reaction 
Ag te = Ag 
and the electrode potential 
ee = @agejsg + D? log aas. (7.23) 


After substituting the numerical values of 2° and b? at 25 C one has 


fagsag = T 0.799 + 0.0592 log aage (7.24) 
For a copper electrode of the first kind we have, accordingly. 
Cu?*/Cu 
Cu?* + 2e = Cu 
and 
T) po 1 7 95 
cu / cu x cus / cu F log Gc (7 .25) 
or, at 25°C, 
ecus · cu = + 0.34 + 0.03 log Acu2+ (7.26) 


A selenium electrode may be quoted as an example of a non-metal 
electrode of the first kind: 


Se?-/Se 
Se + 2e = Se?- 


bo 
Š 0 Foa 
5.27 js Ex Eset- jse — EN log 4852 (7.27) 
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or, at 25°C, 

Eset- = — 0.92 — 0.03 log asez- 
of grealer practical imporlance 
ctal electrodes. In the latter 
ally require insertion of an 
sisting of a non-metal and 


Metal electrodes of the first kind are 
and are easier to construct than non-m 
case measurements of the potential usu 
inert metal conductor into the system con 


its ions. 
7.3.0. ELECTRODES OF THE SECOND KIND 


Electrodes of the second kind are half-cells consisting of a metal 
covered by one of its sparingly soluble compounds (salt, oxide, or 
hydroxide), immersed in a solution having the same anion as the 
sparingly soluble compound of the electrode metal. A generalized 
electrode of the second kind may be expressed as 


ATMA, M 


with the electrode reaction 
MA + ze = M -+ A 


The equation for the electrode potential will then be 


; GMA 
o 5 2 
e -a, M FAN. A 2 log a -aM (7.28) 
A* 


metal M and solid substance MA are constant, 


Since the activities of 
the equation for the potential of the electrode of the second kind 


may be simplified to 


f P loga s- (7.29) 


EAZ-JMA.M 7 EAT MAM — 8 


Thus, the potential of an electrode of the second kind depends on 
the anionic activity of the sparingly soluble compound of the electro- 
de metal. The values of the potentials of electrodes of the second 
kind are readily reproducible and stable. These electrodes are often 
employed as standard half-cells or reference electrodes” with respect 
to which the potentials of other electrodes are measured. Of greatest 


interest in practice are calomel. mercurx-mercurobs sulphate. sil- 


ver-silver chloride, mercury-mercuric oxide. and antimony electrodes. 


Calomel Electrodes. The calomel electrode consists of a pool of 


mercury covered with a paste of mercury and calomel and immersed 


in a solution of potassium chloride acting as electrolyte: 
C1-/HgsCl;. Tg 


— — 


M They are often called subsidiary or secondary 
clion to the hydrogen electrode, which is known as 


de.— Tr. 


reference electrodes in distin. 
the primary reference electro- 


166 Part Three. Electrode Equilibrium 


The electrode reaction is the reduction of the calome 
chloride) to metallic mercury and a chloride anion: 
Hg;Cl; + 2e = Hg + 2Cl- (7.30) 


The potential of the calomel electrode is reversible with re 
to chloride ions: 


| (mercurous 


specL 


8CI-/My;Cls Hg = £l- gets tg — D? log di- (7.31) 


and is governed by their activity. The polential of the calomel 
electrode at 250°C is found from the equation 


£ci-/g:Cl s, Hg = T 0.2678 — 0.0592 log (t i- (7.32) 

The most frequently used electrodes are calomel electrod 
which the concentration of potassium chloride is either 
or equal to 1.0 or 0.1 g-eq/litre. The potentials of calomel electrodes 
on the hydrogen scale are calculated with the aid of the following 


equations which hold for temperatures ranging from O to 100°C: 
(1) for a 0.1 calomel electrode 


es in 
al saturation 


£o.1 = 0.3337 — 8.75 x 103 ( — 25) — 3 x l07* (1 — 25} 
(2) for a 1.0N calomel electrode 


27. = 0.2801 — 2.75 x 107 (( — 25) — 2.5 < 10-9 (¢ — 25) — 
( 


(3) for a saturated calomel electrode 


Esat = 0.2412 — 6.61 x 10 ( — 25) — 1.75 x 10-4 (¢ .— 25y 


— 9.0 x 10-1 (; — 25p 

Calomel electrodes. especially saturated ones, are convenient 
in use because the diffusion potential arising in a cell at the junction 
between the saturated potassium chloride solution and the solution 
under study is insignificant; it may be ignored in many cases where 
high accuracy is not required. 
Mercury-Mercurous Sulphate and Silver-Silver Chloride Electro- 
des. Mercury-mercurous sulphate electrodes SO}-/Hg2S0,. He are 
similar to calomel electrodes with the difference thal the mercury 
pool is covered with a paste of mercury and mercurous sulphate. 
and sulphuric acid is used as the solution. The activity dependence 


of the potential of a mercury-mercurous sulphale electrode at 25°C 
is described by the equation 


soigso, tg = 0-6156 — 0.0296 log age — (7.33; 


The silver-silver chloride electrode is a system represented by 
Cl-/AgCl, Ag 
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and its polential is given by the equation 


&ci-AgCl, Ag = en- auc. ag — be log aci- (7.34) 
or, at 257 
£Cl-/AgCl, Ag = 0.2224 — 0.0592 log acı- 7.35) 


Mercury-mercurons sulphate and silver-silver chloride electrodes 
should be used where the half-cell under study contains. as the 
electrolyte. sulphuric acid (or sulphales) or hydrochloric acid (or 
chlorides). In order Lo reduce the diffusion potential (liquid junclion 
potential). the concentrations of these electrolytes in reference (or 
comparison) electrodes should be the same as in the half-cell being 
tested. or close to it. The temperature coefficients of the potentials 
of mercury-mercurous sulphate. silver-silver chloride and calomel 
electrodes are dependent on the solution com position. Since. in 
contrast to calomel electrodes. in the first two types of electrode 
use is made of solutions of very different concentralions, the values 
of their temperature coefficients will not be given here. 

Though the potentials of the electrodes of the second kind describ- 
ed above are governed by the activity of the corresponding anions. 
one can nevertheless write equalions for them coinciding in form 
with the equations for the potentials of electrodes of the first kind. 
For example. according to the solubility product principle. the pro- 
duct oi the activities of the silver ions and the chloride ions in solu- 
tion wil] he equal to the solubility product of silver chloride. Kago: 


Gage X acr- = Kaa 
K 
And = 4 
ac- == PUR (7.30) 


Substituting the value of acı- from Eq. (7.36) into Eq. (7.34) gives 
Ecl-/Agcl, ag = Ebr-yagci, ag — be log Kager -+ be log das · (7.37) 
Comparing Eqs. (7.23) and (7.37), one oblains the following equality 
eti-sagcl, ag — be log Kage = Ageng (7.35) 


The solubility product of sparingly soluble salts can be found by 
comparing the potentials of the corresponding electrodes of the 
first and the second kind. Equation (7.37), in which the potential 
of an electrode of the second kind is represented as a function of the 
activily of metal ions, is less convenient in practice than Eq. (7.34) 
since the activities of metal ions are negligibly small and are derived 
from the activities of the corresponding anions. 

Metal-Metal Oxide Electrodes. This group of reference electrodes 
are particularly interesting since the role of the anions of the sparing- 
ly soluble compound of the electrode metal is played by hydroxyl 
ions. Examples are provided by the following electrode systems: 
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(1) the mercury-mercuric oxide electrode 
OH-'HgO, lig 
(2) the antimony electrode 
OH-:Sb203, Sb 
The equations for the electrode reactions and polentials of these 
electrodes are, respectively, 


HgO -+ H.0 + 2e = Hg + 20H- 
$b.0, -+ 3H.0 + Ge = 25b -+ GOH- 


ll 


and 

Eoil-;/Hz0, Hg = £Out-;ugo. uz — be log aon- (7.39) 

eon-Sbeon. Sb = EDI-;Sb203,5b — D" log dou- (7.40) 
Equations (7.39) and (7.40) are obtained from the general equation 
for the electrode potential (7.14) under the assumption that not 
only the activities of the corresponding metals and their oxides are 
constant. but so is the aclivity of the waler, which alxo takes part 
in the electrode reaction. This assumption practically does not affect 
the accuracy of the equations for the electrode potential and is 
widely used where the concentration of the solution is no! very great. 

Like metal-metal salt electrodes of the second kind. metal-metal 
oxide electrodes of the second kind can be reduced lo the correspond- 
ing electrodes of the first kind. Therefore they are reversible not 
only with respect to hydroxyl ions bul to the ions of a metal as well. 
Besides. they are also reversible with respect to h;drosen ions 
because the ionic product of water 
Kw = aye X aon- 

al a given temperalure is constant for any aqueous electrolytic solu- 
lion. Substitution of the value of aon- from the last equalion into 
Eq. (7.39) or (7.40) gives. respectively. 


font. Ugo. Ue = £it-izo, ng — 09 log Kw * D? log ay. = 
= elteutzo. ug — b° pH (7.41) 
and 
Bon 35:0, Sb = EOH-,shs03, Sb — O° log Kw -b bo log ays. = 
— 0 = zy 
= en. /sbeos. Sb — be pll (7.42) 
After substitution of numerical values of the constant terms into 
Eqs. (7.41) and (7.42) they assume the following form for 25°C 
eon HgO, Hy = 0.92 — 0.06 pil ( 
£01t-/$5,0,. sp. = 0.145 — 0.06 pH (7.44) 
Metal-metal oxide electrodes can be used as reference electrodes 
for any acid or alkali solution since hydrogen or hydroxyl ions are 
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potential-determining ions in this case. The mereury-mercuric oxide 
electrode is recommended only for solutions with pH > 7 because 
mercury oxides are perceplibly soluble in acids. The antimony 
electrode cannot be employed as a reference electrode because of 
the instability of its surface oxide (oxides other than 3b;0; may 
form). It finds application as an indicator electrode for approximate 
pll measurements in moderately acidic and neutral solutions. 


7.3.3. GAS ELECTRODES 


General Description of Gas Electrodes. A gas electrode is a half- 
cell consisting of a metallic conductor in simultaneous contact with 
the corresponding gas and the solution containing its ions. A gas 
electrode cannot be designed or the potential of the system composed 
of a gas and a solution of ils ions measured withoul the provision 
of a metallic conductor just as any other electrode is inconceivable 
without an electronic conductor. 

Besides, a metal in gas electrodes not only creates an electrical 
contact between the gas and the solution containing its ions, but 
also accelerates the attainment of electrode equilibrium, i.e., serves 
as catalyst for the electrode reaction. Hence. only those metals can 
be used in gas electrodes which possess high calalytic activity with 
respect to the reaction between the gas and ils ions in solution. 
Further. the potential of the metal in a gas electrode must be inde- 
pendent of the activity of other ions present in the solution. in 
parliczlar of its own metal ions. Functioning as catalyst for the 
reaction belween the gas and its ions in solution, the melal must 
at the same time be inert with respect to other reactions which may 
occur in the system. Finally. the metal must provide as large an 
interface as possible on which the reversible reaclion converting 
the gas to the ionic state could proceed. All these requirements 
are best met by platinum. which is most frequently used. To 
produce a large surface area the platinum is coated electrolytically 
with tinely divided platinum black. this resulting in so-called plati- 
nized platinum. Pt. Pt. Gas electrodes are very sensitive to any 
change in the condition of the platinized surface. in particular. 
to calalytic poisons. To obtain reproducible values of the potential 
corresponding to the true equilibrium conditions of functioning of 
gas electrodes. it is necessary to observe various precautionary 
measures, which may involve considerable diíficulties. 

The Hydrogen Electrode. The gaseous hydrogen electrode may 
be represented as 

II/ Ha. Pt 


The corresponding electrode reaction is 
211+ -'- 2e = Ho 
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from which and from Eq. (7.14) 


= ! 2.303 ZZ i ae (7.45) 
Entan 7 Entan 2.300 ope log Pu. . 
or 
e = Eut + O° log 4. — 5 log P (7.46) 
1 / 112 11/112 B 4. — log Pu; . 


It is seen from expressions (7.45) and (7.46) that the hydrogen electro- 
de potential depends not only on the hydrogen ion activity but also 
on the partial hydrogen gas pressure. Hence, the hydrogen electrode 
(as well as other gas electrodes) is more complicated than electrodes 
of the first or second kind, the potentials of which are directly de- 
pendent on the activity of a single ionic species. The standard hydro- 
gen electrode potential efts/m, is conventionally taken as zero al all 
temperatures and therefore one can write, in place of (7.45): 


a? 
u* 


RT 
e / = 2.303 27 10 Pi 


(7.47) 


For a partial hydrogen pressure of one atmosphere Eq. (7.47) simpli- 
lies to 


en /: = D? log ays (7.48) 
or 

en H: = — b pH (7.49) 
Thus. under definite conditions the hydrogen electrode potential is 
a direct expression of the pH value. 


‘ The Oxygen Electrode. The oxygen gas electrode is symbolized 
y 


OH-/0,, Pt 
The reaction occurring at the oxygen electrode may be wrilten as 
follows: 
O2 + 2H.0 ~- 4e -= 40H- (7.50) 
On this basis and from Eq. (7.14) one obtains the following ex pressi- 
on for the reversible oxygen gas electrode potential: 


; 9 302 AT Pa, zs 
Fono El- o 2.303 A log 3m (7.51) 
ol~ 
or 
tw 2n 
forze. e, T log Po, bo log don- (1.52) 


the activity of the water being included in the value of e°. Al 25°C 
the theoretical value of the standard potential of the oxygen electro- 
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de obtained from thermodynamic data is +0.401 V. Therefore. at 
Po, = 1 atm and 23°C the expression for the equilibrium oxygen 
electrode can be wrilten as 


€oH-/0, = 0.401 — 0.0592 log aoi- (7.53) 


In practice, however. it is rather difficult to sel up an oxygen 
electrode whose behaviour would be described by the derived equati- 
ons. This ix explained by the specific features of gas electrodes in 
general and, in addition. by the tendency of oxygen to oxidize me- 
tals, especially in a moist atmosphere. For this reason, on the princi- 
pal electrode reaction is imposed a reaclion corresponding to a metal- 
metal oxide electrode of the second kind. Oxide films may form even 
on platinum and then the behaviour of the oxygen electrode will 
nol conform to theoretical equations. These deviations manifest 
themselves, for example. in the way the potential varies with oxygen 
pressure. Moreover, there are grounds for believing that. apart from 
the formation of surface oxides, the reaction taking place at the 
oxygen electrode differs from the reaction forming the basis for thr 
equation of the oxygen electrode potential. According to the data 
obtained by Berl (1943) and confirmed by other workers. part of 
the oxygen is reduced at the electrode to hydrogen peroxide ions 
rather than to water: 


O2 + H;O + 2e = HOs + OII- 
The potential of such an oxygen electrode is given by the equation 


P 
E107, 07/0, = Eltoz. O- + bad log 3 (7.54) 
? T ? Ogo 

which differs from Eq. (7.50) in the magnitude of the standard poten- 
tial (here e? at 25°C is 0.076 V) and the manner in which the 
electrode potential depends on the hydroxyl ion activity. This is 
why the experimentally measured values of the oxygen electrode 
potential usually do not coincide with theory. 

The Chlorine Eleetrode. The setting up of the reversible chlorine 
gas electrode 

CI-/Cl.. Pt 
entails considerable difficulties. Theoretically, the relevant electrode 
reaction is simple: 
Cle E 2e == 2Cl- 


and the electrode potential can be expressed by 


„ ang RT Pon meee 
£cI-/c15 = Ei7;ci, f 2.303 2 log EE (7.55) 
B E = ac 


It should however be kept in mind that on the basic electrode process 
are imposed secondary reactions in which chlorine lakes part and 
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which result in the formation of products of chlorine hydrolysis— 
hypochlorites. The high positive value of the standard potential 
of the chlorine electrode (+ 1.358 V at 25°C) complicates the choice 
of a sufficiently stable electrode material inert with respect Lo chlo- 
rine. This is also one of the causes for the deviation of the experi- 
mental values of the chlorine electrode potential from its reversible 
value determined on the basis of thermochemical data. Nolwith— 
standing this, a number of authors have succeeded in obtaining 
an experimental value of the chlorine electrode potential coinciding 
with the theoretical value. 

The study of the behaviour of gas electrodes has been attracting 


much attention lately in connection with intensified work on so- 
called fuel cells. 


7.3.4. AMALGAM ELECTRODES 


The amalgam electrode is a half-cell in which an amalgam of some 
metal is in contact with a solution conlaining ions of this metal. 
A generalized amalgam electrode may be represented by 


VI. Yin, Hg 


lt is assumed here that the amalgam electr 


ode potential is controlled 
by the reaction 


mM * ＋ zme = M (Hg) 


which means that mercury behaves as an inert 
melal M is dissolved and the ions of this met 
tential-determining ions. The potenti 
is given by 


medium in which 
al play the role of po- 
al of the amalgam electrode 
am., 

2 =e, DD. RT M 7 5 
uin. tte = Put, l 2-303 77 log —— (7.56) 

: Mm (t) 

aclivity of the melal ions in solution 
y in the amalgam. If the metal ix dissolved 
atoms (m == 1). then the previous equation 


It depends not only on the 
but. also on their activit 
in mercury as individua 
is replaced hy 


bo 2 12. 
2 8 3 
MEt. tg 7 wt goo vr log 


It should be borne in mind that mercury is c 


a melal with the formation of interme 
in mercury: 


e 


(7.57) 
OMI 
apable of reacting with 
lallic compounds soluble 


aM** t zze ~- Ig = Mg, (Hg) 
The magnitude of the electrode polential will here be a function of 
the composition of the resulting compounds: 


RT 
P i =e’ 2 raa MN 
ie ella. lig OMe Mellen, Me : 2.303 rzF log 4 LAT (1125 
Mekuli 
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Amalgam electrodes find wide application in industry and in 
laboratory work. An example is provided by the cadmium amalgam 
electrode 


Cd?*/Cd. Hg 
on which the following reaction takes place 
Cds“ + 2e = Cd (Ig) 
Its potential is delermined by the formula 


8. 2 
cate 


= g? I IL — — 7.51 
ecd cd. rg 7 Ec. cd. tte . 2 log cadiz (7.59) 


Electrodes of this type containing 12.5 per cent cadmium are used 
to prepare Standard. or normal Weston cells, the electromotive 
force of which practically does not vary with time. Amalgams most 
widely used in industry are made of alkali metals obtained as inter- 
mediates in the production of chlorine and alkalis. 


7.3.5. OXIDATION-REDUCTION OR REDOX 
ELECTRODES 


Any electrode reaction involves a change in the oxidized or redu- 
ced state of the substances participating in the reaction; in this 
sense all electrodes may be regarded as oxidation-reduction systems. 
But the term ozidation-reduction electrodes. or briefly redox electrodes. 
is usually confined to those cases where metals or gases take no direct 
part in the electrode reaction. In a redox electrode. the metal. which 
supplies or accepts electrons, acquires a potential corresponding 
to a steady redox equilibrium. The metallic conductor here must 
meet the some requirements as in gas electrodes. A distinction should 
be made between simple and multiple redox electrodes. With simple 
electrodes the reaction consists in changing the valency of the ions. 
their composition remaining constant. Examples are provided by the 
following electrode processes: 


Fe?* - e Fett 
TP* 20 -= Tht 
MnO] -+ e = Mn 
Fe(CN} - f e = Fe(CN) 


If the oxidized ions are designated as Ox and the reduced ions as 
Red, then all the above reactions can be represented by a single 
general equation: 


Ox + ze = Red (7,60 
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A simple generalized redox electrode is written as 
Red, Ox/Pt 
and its potential is given by the equation 


2 „ ARP 40 - 
E =e} 1 2.303 — log —9x- 1.61 
Red, Ox = Elted, Ox oF log = (7.61) 


Equation (7.61) shows that the potential of a simple redox electrode 
is determined by the activity ratio of ions in two diferent states 
of oxidation. If a cell yields ions of several valencies, there will be 
as many redox electrodes as the number of pairs thal can be sel up. 
For example, if a cell can exist as ions of three differen! valencies, 
then there will be three different redox electrodes. 

The potentials of simple redox electrodes can be easily related 
to the potentials of the corresponding electrodes of the first kind. 
Suppose. for example, that metal M is capable of existing in solution 
in the form of ions of high valency M^ and low valency M”. In this 
case lwo electrodes of the first kind 


M"/M and M"/M 
and one redox electrode 
M^, M^/M 

can be constituted. The potentials of these electrodes arc. respective- 
ly. Euhm LAUNE and ei, Mim The relation between these 
quantilies can be found by visualizing the process of electrochemical 
dissolution of metal M with high-valency ions M^ bein: produced 
either directly or through the intermediate formation of low-valency 
ions M". It is supposed that the process of dissolution occurs rever- 
sibly and isothermally in an infinitely large volume of solution 
in which the activily of each ionic species is unity. This process 
may be represented by the following simple cycle: 


-AFE h 

M M 
$ 
ut 

En F 

EN 
M" 
l'rom this cycle it follows that 
heh = ney + (h m) e, (7.62) 


Using Eq. (7.62) known as Luther's rule. ont can calculate the 
standard potential of any one of the three electrodes if the values 
for the other two electrodes are known. Equation (7.62) ix used in 
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cases where the direct. determination of one of the potentials is either 
very difficult or impossible. For instance, the potential of the clectro- 
de of the first kind Fe?*/Fe, which is nol directly measurable because 
of the instability of ferric ions under these conditions. can be found 
from the experimentally accessible standard polentials of an electro- 
de of the first. kind Fe?*/Fe and a simple redox electrode Fes“. 
Fe?*/Pt: 
Edt ype = 4 ere re F T Chott, pelt 

In the case of multiple redox electrodes the reaction involves 
a change in the valencies of the reacting particles and in their com- 
position. Reactions of this type usually involve hydrogen ions and 
waler molecules; the parlicipalion of water molecules however does 
nol affect the equations for the electrode polential because the acti- 
vily of the waler remains conslant throughout the reaction, except 
in very concentrated solutions. Using the previous notation (Ox for 
oxidized (orms and Red for reduced forms). multiple redox electrode 
can be represented as 


Red, Ox, H*/Pt 


Its potential must be a function not only of the activities of the 
oxidized and reduced particles but of the hydrogen ion activity as 
well. The dependence on the latter is delermined by the nature of 
the reacting particles. For example. for the system permanganate- 
bivalen! manganese ions in which the following reaction takes 
place 


MnOz + 8H* + 5e = Mn?* + 4H.0 
the electsode potential is given by the equation 


RT OQ sno 
z = p" ENDE! ENS Xu IL -= pne 
Coin“. Mnoz 7 Ezinz“, vino 2.303 57 log ———— (7.63) 
vin?“ 

or 
ae 5 10% MOF 8 o] 7 (4 
Seins“. mnog ein“, mnog 7 5 att 7. 5 5 og a (7.04) 

Mn“ 


For the quinone-hydroquinone system with the reaction 
Ce H. Oz + 2H* . 2e = C,H,(OH). 
the electrode potential is given by 
nr, 400 a 
EQ. HQ = £o, ug + 2.303 27 log 11 (7.65 


an 
or 


o — 95. ais 
ke. 0 £Q, Ho. log blog un- 17.06 
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where the subscriptis Q and HQ stand, respectively, for quinone and 
hydroquinone. 

An investigation into the dependence of the potential of multiple 
redox electrodes on the pH of the solution can therefore yield infor- 
mation on the nature of a particular redox reaction. And, conversely, 
multiple redox electrodes can he used as indicator electrodes in pli 
measurements. Electrodes reversible with respect to the quinone- 
hydroquinone system are widely used for this purpose. An equimole- 
cular mixture of quinone and hydroquinone is introduced into 
a solution whose pH value is lo he measured. Assuming thal the 
ralio of the concentrations of quinone and hydroquinone is equal 
to that of their activities 


fu ay 


CHQ and 
we can simplify Eq. (7.62) lo 


eg. ito = ed. Hg + be log aus = £Q, uQ — H pH 


The potential of such an electrode, known as a quinhydrone electro- 
de, will he directly determined by the plI of the electrolyte. 

When the reactants in a redox reaction are complex organic sub- 
stances, say. proteins, the metallic conductor in contact with them 
loses ils ability to assume an equilibrium potential value correspond- 
ing to this system. In such cases so-called potential ;idiators are 
used in measuring the redox potential. These medis: ors represent 
a simple redox system, often of the type Ces“, (el, When cerium 
salis of concentration many limes lower than thal of tii substances 
forming a multiple redox system are added to the reaction medium, 
the following reaction will take place: 


Ox + Ces“ = Red + Ce** 


and the simple redox system. having reached an equilibrium with 
the mulliple system. assumes ils potential. The metallic conductor 
acquires the steady potential of the mediator and the identical 
potential of the mulliple redox system. The change of the original 
potential as a result of the reaction between the principal redox 
substances and the mediator may be ignored since the concentration 
of the lal ter is negligibly small compared with those of the substances 
consliluting the complex redox system. The concentrations of these 
substances therefore remain practically constant. 


7.3.6. THE GLASS ELECTRODE 


The glass electrode diflers from the electrodes discussed above 
in that no electrons take part in the corresponding electrode reacti- 
on. The electrode reaction here is merely an exchange of hydrogen 
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ions between two phases—solution and glass: 
H+ = Hå 


The charge of the hydrogen ion corresponds to the elementary 
positive quantity of electricity, and the transfer of the hydrogen 
ion from one phase to the other is equivalent Lo the transport of 
unit charge. i.e., the value of z in the equation for the glass electrode 
potential should be taken as unity: 


a. 
ea = eb + 2.303 f- log 1 (7.67) 
G 


But in fact the alkali metal ions contained in the glass are also drawn 
into the exchange reaction. Part of these ions are replaced by hydro- 
gen ions and pass into solution: 
TI“ + Mé = Hé + Mt 
where M* may be ions of lithium, sodium or some other alkali metal. 
depending on the type of glass used. To this general equation there 
corresponds the following exchange constant 
4.444 
H* M, - 
a (7.68) 
Hg M* 
The value of this constant depends on the properties of the glass and 
on temperature; for ordinary glass electrodes at room temperature 
it ranges trom 1010 to 1014. Assuming that in the type of glass 
used the sum of the activities of hydrogen ions and alkali metal 
ions is coustant, i.e., 
1 Em 
He * Ong = 4 
we can rewrite the expression for the exchange constant as follows 
a „ (a — 44) 
Ht Hi =n 
K. LER (7.69) 
Hg M* 
Solving this equation for a,,,/aag, one gets: 
a a sd Keg, s ENS 
-= = — — (7. 70) 
116 


Replacing ay, I au in the equation for the glass electrode potential 
by its value from (7.66) gives 
& = eG + b log (aye + K auc) (7.71) 


where the standard potential of the glass electrode eg includes the 
quantity RT/F ln a. which is constant for a given electrode. 


12—0ana 
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Thus, in a general case the glass electrode potential depends on 
the activities of the hydrogen ions and alkali metal ions. When 


Gye > Kaur 


which is true for acidic solutions and also (owing to the low value 
of K.) for neutral and weakly alkaline solutions with a pll value 
of up to 10-12, Eq. (7.71) simplifies to 


£g = eG + b° log ag» = eg — b? pH (7.72) 


In such solutions the glass electrode potential depends only on the 
hydrogen ion activity; that is why the glass electrode is used as 
indicator electrode in pH measurements. At 


GH* « K etlM 


i.e., in the alkaline region, Eq. (7.67) also simplifies. taking the 
form 
eg = eg + D log aye (7.73) 


where the quantity ec includes a term containing the exchange con- 
stant 


2.303 57. log Ke 


It follows from Eq. (7.73) that for alkaline solutions the glass 
electrode potential is a function of the alkali cationic activity and 
it can therefore be employed as indicator electrode for determining 
the ionic activity of the corresponding alkali metal. When an alkali- 
ne solution alone is the source of cations, 


âme = AoH- 
and since 
anson- = Kw 


then for the alkaline region of solutions, in place of Eq. (7.75), one 
can wrile 


eg = eb —2.303 E log an: ef +0 pH 


~I 
—1 
— 
— 


from which it is seen that for acidic and alkaline solutions the glass 
electrode potential is a function of hydrogen ion activity. Each regi- 
on of solutions has its own value of standard potential s and the 
slopes of e vs. pH straight lines in acidic and alkaline regions are 
equal in magnitude and opposite in sign. The variation of the glass 
electrode potential with pH is described by a curve with a maximum 
(Fig. 7.1). the position of which depends on the type of glass used 
and primarily on its exchange constant. Because of the uncertainty 
of e° (it depends on the nature of the glass. ils treatment. etc.) glass 
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electrodes should be calibrated against a series of solutions of known 
pil value. 

The procedure for measuring the glass electrode potential is as 
follows. A glass electrode in the form of a thin membrane, on one 
side of which is a solution under study and on the other a solution 
of constant pli, is introduced into the electrochemical system. 
Then reference electrodes 
(most often, silver-silver chlo- 
ride electrodes) are immersed — -& 
in each of these solutions. The gg 
potentials on either side of the f 3 
membrane are determined by \ 
the corresponding exchange / \ 
reactions; on one side, howe- 
ver, the potential remains 92 
constant. while on the other 
it varies together with the 
composition of the solulion 23 
according lo the equations 
derived above. Thus, the glass 
electrode potential is equal 
to the potential difference 
between the two sides of the 45 
membrane. If the sides of the 
membrane were identical. QN a m , 
then. with one and the same 0675 U 2 4 5 8 e EET pH 
solulion. the glass electrode 
potential would be zero. But Fig. 7.1. Dependence of the potential 
in reality the properties of the of n glass electrode on solution pH 
glass on both sides of the 
membrane differ, giving rise lo a certain potential difference. This 
potential difference —ihe asymmetry potential of the glass elect- 
rode—is included in the value of ils standard potential. 

The above consideration of the glass electrode is in accord with 
the thermodynamic theory of the glass electrode doveloped by B. Ni- 
kolsky (1937) and is based on the concept of the existence of an ion 
exchange belween glass and solution. Similar assumptions were 
advanced by Dole (1934) in his quantum-mechanical theory of the 
glass electrode. 


D In some glass electrode designs, instead of a solution of constant pH, 
use is made of low-melting metals or alloys (o.g., the Wood alloy), a thin layer 
of Which is applied to one side of the membrane. Such glass electrodos aro called 
metallized. 


12* 
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7.4. STANDARD ELECTRODE POTENTIALS 


7.41. THE TABLE OF STANDARD 
ELECTRODE POTENTIALS 


The general equation for the electrode potential (7.14) indicates 
that at a given temperature the magnitude of the potential of any 
electrode depends on the composition of the system and its standard 
potential. which is independent of the activities of the substances 
taking part in the electrode reaction and is a constant specific to 
a given electrode. The values of standard potentials for a number 
of electrodes on the hydrogen scale and the corresponding electrode 
reactions are presented in Table 7.2. 

The standard potentials given in Table 7.2 are referred to t = 
= 25°C; their values for other temperatures can be found from the 
corresponding isothermal temperature coefficients, which are also 
given in the table. The isothermal coefficients correspond to the 
reaction 


Ox? (2) Ha- Rea + 2H* (7.15) 
occurring in the electrochemical cell 


M/H;/PUelectrolyte (electrode) M 


in which both electrodes and the electrolyte are at the same lempe- 
rature (25°C). Any change of the system emf due to deviations of 
the temperature from 25°C is primarily determined by the difference 
in the temperature coefficients of the potentials of the electrode 
being tested and the standard hydrogen electrode. Since the potential 
of the standard hydrogen electrode is taken as zero at all tem peratu- 
res, the emf of the system (7.71) at any specified temperature will 
be equal to the standard potential of the electrode under study 
on the hydrogen scale. 

From the thermodynamics of electrochemical systems it follows 
that the first isothermal temperature coefficient reflects the change 
in the standard entropy during a reaction (7.75) proceeding in a given 


direction, i. e., 
deo ASO — 
(F) = (7.76) 


and the second, the change in the standard molar isobaric heat 
capacitics 

deo Ach, 

(Ar) FF 

If the isothermal temperature coefficients are known, the standard 

potential of any electrode at a temperature ¢ different from 25°C can 


(7.77) 


TABLE 7.2 


Standard Electrode Potentials at 25°C and TheirfIsothermal 


Temperature Coefficients 


.. ͤ— — SS D GONG D 


Electrode 


Iz / Na, Pt 
Li*/Li 
Rb*/Rb 
Cs*/Cs 
K*/K 
Ra**/Ra 
Ba*+/Ba 
Ca?*/Ca 
Na*/Na 
11 8 

Me 2+/Mg 

Be 

On H*/Hf 
Al3+/Al 
Ti?*/Ti 
Z1 Zr 
MEDIA 
Mn?*/Mn 
WOj-/W 
Se?-/Se 
Zn?*/Zn 
Cr3*/Cr 
SbO;/Sb 
Ga3*/Ga 
S?-/S 
Fe?+/Fe 
Cr9*, Cr?*/Pt 
Cd£*/Cd 
Ti?*, Ti / Pt 
TI*/TI 
Co?+/Co 
Ni?*/Ni 
Mo3*/Mo 
Sn2+/Sn 
Pb?*/Pb 
Tit+, Ti?*/Pt 
D/ Dz. Pt 
H*/H., Pt 


Ge**/Ge 
Sn**, Sn?*/Pt 
Cu3, Cu*/Pt 
Cu?*/Cu 


Fe(CN r. Fe(CN)]-/Pt 
OH P 


Electrode reaction 


3/2N; e — Ng 


Mg** + 2e = Mg 

Be?* ＋ 2e = Be 

HIO, I 4H* + 4e = Hf -- 2H,0 
Als“ ＋ 3e — AI 

Ti2*--2e = Ti 

Zr.“ ＋4e — Zr 

V2*-E2e— LAN 

Mn?* + 2e = 

WOI--: ri P = W-F80H- 
So + 2e = 862 

Zn?*--2e = ae 

Cri*2-3e = 

ShOg 42150 3e—Sb--40H- 
Ga3* + Je = Ga 

S-i- 2e = 82— 

Fe2* ＋ 2e = Fe 

Cete — Cr?* 

Cd2* + 2e — Cd 

Ti3*-r e — Ti?! 

TI*--e— TI 

Co?*.-2e— Co 

Ni?* NE 2e =Ni 

Mo?* ＋ 3e = Mo 

Sn?* -- 2e — Sn 

pb?* 4+ 2e = Pb 

Ti+ +e = Ti?* 

Dt +e = 14D; 

H+ -+ e = 14H. 


Ge?* -2e = Ge 
cute +2 = Sn$* 


Peter Fez Fe(CN)i- 
1 202 + “HO + 2e = 20H- 


(= de? 


T) x103, 
den c 


ER 
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Table 7.2, continued 


ee, 


4e?) x103 
Electrode Electrode reaction go, V dT /^ : 
Videg C 
Cu*/Cu Cut+e=Cu +0.521 —0.058 
I7/l,, Pt I, +2e =2I- 4-0.5355 —0.148 
Tet*/Te Tott le Te +0.56 = 
MnOr, MnOj-/Pt MnO; +e = MnOi- +0.564 
Rh?*/Rh Rh?*--2e = Rh 0.60 = 
Fes“, Fe?*/Pt Fest + e = Fe?* 10.771 — 1.188 
Hgi* Hgi* + 2e = 2Hg -++0.785 — 
Ag / Agt+e 5 10.7991 — 1.000 
Hg*, Hg** 2-2e = Hg 40.354 — 
Hg?*, unt Hg?* + e = Hg* +0.91 — 
be pd paz +2e=Pd +0.987 — 
Br-/Br, Pt Br, + 2e = 2Br- +1.0552 —0.629 
Pt3*/Pt Pt** --2e — Pt -}1.2 — 
Mn“, H/ Ain, Pt | MnO.+-4H++2e=Mn2++2H,0 | +1.23 —0.661 
TI3*, TI*/PL TB*--2e — ITI! T1.25 +0.89 
Crs, Cr.03-, H*/Pt | Cr,09~ + 141+ Ge —2Cr9* | 41.33 — 1.263 
+7H,0 
(-l, Pt Cl, 26 = 2Cl- 71.3595 — 1.200 
Pht, H*/PbO,, Pt PbO.--4H*--2e— Pb?*--2H,O | -L1.455 —0.238 
Aus/ Au Aust —3e— Au --1.498 -— 
Mor, H*/MnO,, Pt | Mnor -4H*--3e—MnO,4-2H,0| 11.695 —0.666 
Cott, Co3*/PL i+ e = Cet 11.61 — 
SOf-, H*/PbSO,, PbO,,| Pbo -+SO2- All“ ＋ 26 +1 .682 4-0.326 
Bb = PbSO,+ 2H,0 
Au*t/Au Au“ e= Au +1.691 | — 
H-/H,, Pt H,4-2e —2H- Au 2 ; — 
F-/F,, Pt Fz T 2c = 2F- ＋ 2.87 — 1.830 


Note. Standard potentials 


table corres 


* This is the thermal temperature coefficient of the SHE potential. 
i . — 


be calculated from the equation 


daeo 


are given here in order of increasing positive value, This 
nds to the electrochemical series of cleetrede reactions. It includes the 
€lectrochemícal series of metals (the so-called Volta series). 


deo A 1 2 * = =Q 

er = en- (Ar 25) ＋ (Fe) (t — 25)* (7.78) 

Since the second isothermal temperature coefficients are known 

for a very limited number of electrodes. calculations are made by 

using an approximate equation, Laking into account only the lirst 
isothermal coefficient: 


(7.79) 
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For instance. for the Ag*/Ag electrode at which the following reacti- 
on takes place 
Agt +e = Ag 
the standard potential at 55°C is equal to 
BÀgr/Ag gg = 0.7991 -— 1.000 x 107? (55 — 25) = 0.7691 V 


Knowing the value of the isothermal temperature coefficient of 
the potential and the thermal temperature coefficient of the standard 
hydrogen electrode. one can find the thermal temperature coefficient 


of any electrode: 


des, de® de? 8 
(Ar 7 Ur)* ae (7.80) 
or, since 
E 0.871 mV/deg C 
then 


0 0 
(22), = (FE) 0.871 mV/deg C 

The thermal temperature coefficient corresponds to the change 
of the emf in a thermogalvanic cell, i.e.. in an electrochemical 
system consisting of two identical electrodes immersed in solutions 
of the same composition but at different temperatures /, and 12. 
The thermal temperature coeflicient is considered positive if the 
“hot” electrode in a thermogalvanic cell is the positive pole or, in 
other words. if with rising temperature the electrode potential 
shifts towards more positive values. For example, for the thermogal- 
vanic syslem 

M'/Ag/AgNO;/Ag/M 


11 iz 
the thermal coefficient will be equal to 
RER ne = 7 
(Zo), = —1.000--0.871 =: —0.129 mV/degC 
that is. in this system the “hot” electrode has a less positive potential. 


7.4.2. THE USE OF STANDARD POTENTIALS 


Standard potentials are used to resolve many problems associated 
with chemical equilibrium in solutions. When the electrode poten- 
tial coincides in magnitude with the standard potential. i.e.. when 


1) Here we consider tho simplest form of a thermogalvanic cell. In a general 
case, the electrodes in a thermogalvanic cell may be different in nature and not 
necessarily reversible. They may be brought into contact with solutions of 
different composition. 
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the second term in Eq. (7.14) is equal to zero, any electrode situated 
lower in the electrochemical series is more oxidized than an electrode 
situated higher, i.e., closer to the top of the series. When two such 
electrodes are combined to form an electrochemical system, we will 
have reduction at the first electrode and oxidation at the second. 
The process will proceed in the same direction if the active substances 
of both electrodes are in direct contact and the reaction follows the 
chemical path. In either case, as a result of the reaction. the compo- 
sition of the system will change and the electrode potentials will 
no longer correspond to the standard values. An equilibrium will 
set in at the moment when the potentials of the two electrodes (or 
the two electrode reactions) become equal. This state is reached at 
a definite ratio of the activities of the reacting species, corresponding 
to the equilibrium constant of the reaction. 

Suppose we have redox systems of the type Ce?*, Ce“ and Fe?*, 


Fe?*. The electrode potential of the first system at 25°C is given by 
the equation 


Ecese, cer = 1.61 + 0 059 log Cet (7.81) 


aces 


and that of the second, by 


— Ops ms 
eres · . Fesa = 0.77 + 0 059 log — (7.82) 
Fet+ 
In a system containing iron and cerium ions an equilibrium will be 


set up when the two electrode potentials become equal: 
Eces», Cote = Eres, Feas 


Then, on the basis of Eqs. (7.81) and (7.82), one can write 


1.64 + 0.059 log CC — 0.77 + 0.059 log E (7.83) 
ces · apet- 
Hence, at equilibrium 
1.61-0.77 
Duke. 10 0-58 104 (7.84) 
Fete pene 


When a solution containing ceric and cerous ions is added to a solu- 
lion containing ferric and ferrous ions, the reaction will proceed 
in the direction of oxidation of the ions of bivalent iron and reduction 
of those of tetravalent cerium; at equilibrium the iron will be practi- 
cally completely oxidized to ferric ions. and the cerium reduced 
to cerous ions. The system Ce?*, Ce** can be used in chemical 


volumetric analysis (cerimetry) because of its high oxidation 
potential. 
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A similar picture is observed on mixing solutions of Fe**, Fe^* 
and Sn**, Sn**, where the iron is reduced and the tin is oxidized. 
AL equilibrium, as follows from the magnitudes of standard poten- 


tials: 
0.15-0.7 


— — -20.7 YE 
10. 0.03 10 (7.85) 
Apes Sie 


olved iron will be present as bivalent ions. 
Solutions of salis of bivalent lin are therefore used for quantitative 
reduction of ferric to ferrous ions and for other reduction processes. 

Analogous phenomena lie at the basis of the process of displace- 
ment of metals from solutions of their salts by other metals situated 
closer to the top of the electrochemical series. This process is called 
cementation or contact displacement and is widely employed in 
engineering. In practice, cases of contact displacement of copper 
from solutions of its simple salts by iron are often encountered. 
Equating the electrode potentials of partial reactions and substi- 
tuting the table values of standard potentials, one obtains for the 


state of equilibrium: 


practically all the diss 


Jum _ 40726 (7.86) 


a gez 


is brought into contact with a sufti- 
the processes of iron dissolution and 
] the ratio of their ionic acti- 
his equation shows that if the 
the activity of copper ions 
ll be practically complete- 


Thus. if a copper salt solution 
cient amount of metallic iron, 
copper deposition will continue unti 
vities begins to satisfy Eq. (7.86). T 
activity of ferrous ions is equal to unity, 
will be as low as 1026, i.e., the solution wi 


ly free of bivalent copper ions. 
If two electrodes are situated close to each other in the electro- 


chemical series, as. for example, Sn?*, Sni“ and Cu“. Cu^*. then 
the equilibrium constant of a redox reaction will differ little from 
unity, and when solutions containing such redox couples are mixed, 
the oxidation-reduction equilibrium is displaced only slightly. 

Most electrochemical processes occur in contact with water and 
air. This is why the position of a given electrode in the electrochemi- 
cal series relative to the electrodes 


H*/He, Pt 


OH / O:, Pt 


(printed in bold type in Table 7.2) is particularly important from 


the practical and theoretical points of view. 
All electrodes with a potential more negative than the hydrogen 
electrode potential are thermodynamically unstable in aqueous 


and 
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Solutions. Reactions corresponding lo such electrodes will proceed 
Spontaneously, resulting in more oxidized substances and simulta- 
neous decomposition of the water with evolution of hydrogen gas. 
For example, metallic sodium (ea xa = — 2.71 V) should de- 
compose water and pass into the ionic stale according to the equation 


Na . HO — Na* 4-3 Hz - OH- 
or. in acidic media. according to the equation 
Na+ H* Na- 4-5. H, 


The ratio of the activity of sodium ions to thal of hydrogen ions 
at which equilibrium sets in is approximately equal to 1092, Since 
(his ratio is impossible lo realize eicher in acidie solutions, where 
the activity of hydrogen ions an: is close to unity, or in alkaline 
solutions, in which ag. is about 10-4, metallic sodium is always 
unstable when in contact with water. 

Similarly. since the standard potential of the redox system Ti?*, 
Ti®- is considerably more negative than the hydrogen electrode poten- 
lial (ei- Yi. = — 0.37 V). in aqueuos solutions of bivalent salts 
of titanium spontaneous oxidation of Ti2* to Tj3* ions will proceed 
with simultaneous decomposition of water: 


Ti*-- HO TE A IE OH 
or. in acidic media, 


Tit H. = Ti I p, 


All electrodes whose potentials are 


electrode potential are thermodynamically unstable when in contact 
with air and water. In such cases Spontaneous reaction of oxygen and 
its conversion into water or hydrogen peroxide is observed with 
simultaneous oxidation of the corresponding metals or other substan- 


ces. For example. metallic iron (eker · re — 0.44 V) reacts 
with the oxygen of the air 


less positive than the oxygen 


Fe + i 0, 4- HO = Fe?* + 20]I- 


Ions of univalent copper (etuscuss = +0454 V) also oxidize 
spontancously to bivalent ions 
ues 1 
2Cu* — * Oz + HzO = 2Cu?* + 20H- 


and metallic copper (ed, 


n | % u = -+0.34 V) goes into solution as 
bivalent ions, simult 


aneously reducing oxygen: 


Cu 2 Or HO Cu-. .208- 
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Thus. if an electrode is situated between the hydrogen and oxygen 
electrodes in the electrochemical series. decomposition of waler 
with evolution of hydrogen is thermod ynamically improbable. Since 
reduction of oxygen is still possible, such an electrode must be ther- 
modynamically unstable in the presence of water and air. Bul if the 
aqueous solution is degassed and the air above it is replaced with 
an inert atmosphere, reduction of oxygen will then be avoided and 
the electrode will become thermodynamically stable. Under these 
conditions it is possible to realize a reversible electrode potential 
and to measure its magnitude against the corresponding reference 
electrode. 

Finally. electrodes with potentials more positive than the potential 
of the equilibrium oxygen electrode are thermodynamically unstable 
and will decompose water with evolution of oxygen gas. For example. 
judging by the value of the standard potential of ceric and cerous 
ions, which is equal to -- 1.61 V. the ions of tetravalent cerium must 
reduce spontaneously with simultaneous decomposition of waler 
and formation of oxygen 


Cett — 5 EO = Ce + 10,4 H- 


To evaluate the thermodynamic stability of electrodes in aqueous 
solutions, it is convenient Lo use a diagram of the type shown in 
Fig. 7.2, which gives the reversible potentials of the oxygen (line a) 
and hydrogen (line 5) electrodes as a function of hydrogen ion concen- 
lration in the range of pH=0 to 14. The area / below the line 6 
of equilibrium potentials of the hydrogen electrode corresponds 
lo the region of water decomposition with evolution of hydrogen. 
The area 3 above the line a of equilibrium potentials of the oxygen 
electrode corresponds to the region of water decomposition with 
formation of oxygen. Within the area 2 situated between the lines 
a and b the waler will not decompose; on the contrary, il may be 
formed from hydrogen and oxygen. In the absence of these gases, 
electrodes whose potentials are within the area 2 will be thermody- 
namically stable. Using this diagram, one can easily predict the 
behaviour of any electrode in aqueous solutions provided that the 
magnitude of its potential at a given value of pII is known. Figure 7.2 
also gives the thermodynamic stability of water at 25°C and atmo- 
spheric pressure as a function of the pH of the solution and the value 
of electrode potential. 

In using the data of Table 7.2 it is necessary to keep in mind that 
the conclusions based on them are the most probable only thermod y- 
namically, indicating only whether a given process is thermodyna- 
mically possible. In actual conditions, however, there may be devia- 
tions from the conclusions made. and the processes involved may 
occasionally proceed differently from what would be expected from 
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general thermodynamic considerations. Such deviations are possible 
primarily because the thermodynamic equations for electrode poten- 
tials lose their meaning when the activities of the reacting species 
are vanishingly small. If the activity of even one of the reactants 
is equal to zero, the electrode potentials must become infinitely large 
in absolute value; this is not observed in actual fact. Each electrode 


g 2 4 6 8 10 4 «44 


Decomposition of water with 
evolution of oxygen 


2Os2H'+2e-~H,0 


e? Formation of water 
Heja 
-O-. e 


HzO» -H, · OTL | 


Decomposition of water wilh 
evolution of hydrogen 


0 2 4 6 8 14 1 14 
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Fig. 7.2. Regions of electrochemical stability of water and electrodes in aqueous 
solutions 


has a limiting value of aclivity below which the thermodynamic 
equation of the electrode potential ceases to agree with experiment. 
But the mechanism of the potential-determining electrode reaction 
usually changes even before this limiting value is reached; hence, 
the nature of the electrode itself and the corresponding variation of 
of the potential with the composilion of the system also change. 
Thus. for most metallic electrodes of the first kind the variation of 
potential with activity can no longer be described by the correspond- 
ing thermodynamic equation if the concentration is below 
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10-* g-ion/litre. The fact that electrode processes do not always pro- 
ceed reversibly may also cause deviations in the region where the 
thermodynamic equation for the equilibrium electrode potential 
must agree with experiment. As far as irreversible chemical processes 
proceeding at an appreciable rate are concerned. they are known to 
defy thermodynamic interpretation. They obey the laws of chemical 
kinetics. It may turn out (hat a process. which is thermod ynamically 
probable does not actually take place because of ils specific kinetic 
features. And, finally, departures are also possible associated with 
phenomena omitted in the general thermodynamic treatment of 
electrode potentials such as the so-called passivation of electrodes. 


CHAPTER 8 


Electrochemical Systems 
(Electrochemical Cells) 


8.1. PRINCIPLES OF CLASSIFICATION 
OF ELECTROCHEMICAL SYSTEMS 


Not only can the various electrodes be classified according to the 
nature of the electrode reaction but also their possible combinations. 
Three principal types of electrochemical systems, or cells. are dislin- 
guished. 

Systems of the first type consist of two chemically identical electro- 
des with one and the same electrode reaction. The emf of such systems 
would he equal to zero if the physical properties of both electrodes 
and hence their standard potentials were identical. But if the stan- 
dard potentials of the electrodes do not coincide owing to the difle- 
rence in their physical properties, the emf of the system will be diffe- 
rent from zero: 

E = er — ef = ENU (8.1) 
This equation follows from the general thermodynamic equation 
(7.12). Electrochemical systems. or cells, in which the electrodes 
differ only in their physical properties and the emf is given by Eq. 
(8.1) are called physical cells. In a physical cell. onc electrode, as 
a rule. is in a more stable and the other in a less stable state under 
given conditions. The source of electrical energy is the free energy 
of transition of the electrode from the less to the more stable state. 

In systems of the second type there are two electrodes coinciding 
in their physical properties. qualitative chemical composition and 
the nature of the electrode reaction. but the activities of one (or seve- 
ral) of the participants in the respective electrode reactions are diffe- 
rent. In this case the emf of the system (taking into account the equa- 
lity of the standard potentials of the electrodes) is given. on the basis 
of Eq. (7.12), by 

EU in (8.2) 

sF ah an; 
where & and n are the participants in the electrode reactions. with 
activities different at each of the electrodes. Electrochemical systems 
in which the electrodes differ only in the activity (concentration) 
of the participants in the electrode reaction and the emf is determined 
by Eq. (8.2) are called concentration cells. The source of electrical 


energy in such cells is the energy of transfer of a substance from the 
greater to the lower activity. 
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Electrochemical systems of the third type are cells in which the 
electrodes may differ both in their chemical and physical properties. 
The emf of a system of this type is expressed by the general equation 
(7.12). Such electrochemical systems are called chemical cells. In 
these cells, the source of electrical energy is the chemical reactions 
proceeding in them. 


8.2. TYPES OF ELECTROCHEMICAL SYSTEMS 
8.2.1. PHYSICAL CELLS 


Gravitational Cells. These cells usually consist of two liquid elec- 
trodes of different height made of one and the same metal. The 
electrodes are immersed in a solution of a salt of the given melal. 
A cell of this type with mercury electrodes of heights k, and Ae 
(hy > he) dipped into a solution of mercury salt HgA may be repre- 
sented as 

Hg/HgA/Hg 
(Qu) (az) 

The electrode of greater height (25) has an increased amount of free 
energy compared with the electrode of smaller height (2), and there- 
fore it dissolves to form mercury ions: 


1 
Hg > = Hgr +e 
An 
and at the right-hand electrode the mercury ions are discharged and 
metallic mercury is deposited: 


1 
2 


H}* +e = Hg 

(ue) 
Hence. the overall process in the cell is the transfer of mercury from 
the higher electrode to the lower one 


IIg Hg 
(n (ha) 


This spontaneous process keeps on running until the heights of thc 
two electrodes become equal. Thus, gravitational cells are electro- 
chemical systems in which the mechanical energy due to the difference 
in the gravity of the electrodes (whence the name of these cells) 
is transformed into electrical energy as a result of the electrochemical 
reactions taking place in them. The emf of gravitational cells depends 
on the height difference and decreases as this difference becomes 
smaller. The emf of cells of this type is usually very small. For 
example. for mercury at a height difference of Ak = 100 cm the em! 
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is only about 20 x 10-5 V. Some values of the emf for the system 


Hg-Hgzlz, KI/Hg 
(hi) (ha) 


calculated from the height difference Ak, using the relation Esu = 
= Mg \hizF, where M = molecular weight and g = gravity due 
to acceleration, and measured directly are as follows: 

Ih, cm 32 46 113 

Eer & 100, W 72 93 22.9 

Fexp X 109, V 1.4 10.5 


The satisfactory agreement between the theoretical and experi- 
mental values of emf corroborates the concept of the origin of electri- 
cal energy in gravitational cells. The emf of such cells can be raised 
to several millivolts by creating a larger difference in the gravity 
of the electrodes, c.g. by centrifuging. In this case the emf will also 
be very small, only a small fraction of the mechanical energy consu- 
ined for the operation of the centrifuge being converted into electri- 
cal energy. Although such cells are of no practical importance, 
they are of interest because the property described points to the pos- 
sibility of generation of electrical energy in systems with chemically 
identical electrodes. 

Allotropie Cells. The electrode materials in cells of this type are 
two modifications of the same metal (M, and Mg) immersed in a solu- 
tion (or a melt) of its ion-conducting compound. AL a given tempe- 
raturo (unless it is the phase transformalion temperature at which 
the two modifications coexist in equilibrium) only one modification 
of the metal chosen is stable and the other is in a metastable stale. 
An electrode made of a metal in a metastable state (say. Mg) will 
possess an increased amount of free energy. It plays the role of the 
negative electrode in the cell and supplies metal ions to the solution: 


Mg = M* + ze 


At the electrode prepared from the stable a-inodification metal 
ions ure discharged: 
Met + se = M, 


Thus, the overall reaction proceeding in the cell 
Mg/MA/M, 


consists in the transfer of metal from the metastable modification 
to the stable one: 
Mg — M, 


which is an electrochemical transformation of the unstable modiſica- 
tion into the stable one. From the free-energy change. which cor- 
responds to an allotropic transformation, one can calculate the emf 
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free energy of an allotropic lransſor- 


of the system or, conversely, the 
a the emf. which is relatively oasy 


mation can be determined fron 
lo measure. 

Under certain conditions such cells can be used to determine the 
temperature of allotropic transformation. If the temperature is raised 
to a value al which the «-modificalion is converted lo the B-moditi- 
cation. the metal of the two electrodes will be in the same modifica- 
tion. and the emf of the system will be equal (or close) to zero. The 
emf of the system may be different from zero because lhe free energy 
of two electrodes made of a metal of the same modification need not 
be equal. This is observed, for example, when the electrodes differ 
in grain size or are subjected to different internal stresses. An electrode 
made up of smaller crystals or experiencing excessive mechanical 
stress plays the role of the negative pole of the cell. This electrode 
dissolves. and the metal is deposited al the other one. Moreover. an 
emf may appear even when faces of a single crystal of one and the 
same metal are used as electrodes. because they possess difierent 
amounts of free energy. The electrode formed by the face with the 
greater amount of surface energy will dissolve, and metal ions will 
be deposited on the crystal face with the smaller amount of surface 
energy. by measuring the resulting emf one can find the difference 
in surface energy between faces of a single crystal of the given metal. 
II should however be stressed that in many cases the potential diffe- 
between two different samples of one and the same 
metal should not be identified with the value of the reversible emf. 

Eleclromotive forces arising in the cases considered are usually 
small: nevertheless. in certain electrochemical reactions. say in corro- 
sion processes, they should be taken inlo account. 


rence exiziing 


8.2.2. CONCENTRATION CELLS 


Concentration Cells of the First Kind. Two types of concentration 


cells are distinguished: cells of the first and the second kind. Con- 


centration cells of the first kind consist of two electrodes of the same 
both electrodes are immer- 


chemical nature bul of different activities; 

sed in the same solution. A typical example of concentration cells of 
the first kind is provided by amalgam cells. in which the electrodes 
differ only in the activity of the metal dissolved in the amalgam: 


M. Hg MIA M. He 
(a) p 
If ay > ayr. the melal dissolves at the left-hand electrode and passes 
into solution as the corresponding ions: 


Mig — M2 ce Hg 
(a) 
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The same reaction proceeds at the right-hand clectrode but in the 
opposile direction: 
M^* -- ze-+ Hg = Milg 
(yy) 

The overall cell process consists in transfer of the metal from the 
concentrated amalgam to the dilute one 

MHg— MHg 

(ap (2110 
and the emf of such a system is given by 


LRE ea (8.3) 


„ there is a diflerence 


In amalgam cells, this process goes on = 
zus used as electrodes. 


in the concentrations (activities) of the uin 
An example of an amalgam cell is prost! by a cell consisting 
of potassium amalgams of different activitic a solution of potas- 
sium chloride 
K, Hg/KCLIK. Hg 


(ap (411) 
The emf of this system is determined by th. formula 
= BIN 
E = bo log zm 


Since metal ions are always positively charge’. the emf of the amal- 
gam cell as written will be greater than zero. The fundamentals of 
the theory of amalgam cells were worked out by V. Tyurin (1890). 

Concentration cells of the first kind may also be exemplified by 
simple gas systems consisting of two identical gas electrodes al diffe- 
rent pressures. The emf’s of such systems can be found from the mecha- 
nical work done in transferring one mole of gas from the high pressure 
P' to the low pressure P”: 

RT P' 

For example, the emf of the gaseous hydrogen cell 


Hz, PUHCI/H, Pt 
(PHa PHa 
is given by the equation 


(8.5) 


In the cell as written, the hydrogen gas is ionized al the left-hand 
electrode, while at the right-hand electrode the hydrogen ions are 
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discharged and the hydrogen formed is transferred to the gas phase. 
The positive electric current flows within the cell from left to right 
and. according to the International convention, the cell emf will 
be positive. 

The emf of a chlorine gas cell of the type 


Ch. PUHCLCL.Pt 
(oly) (Po) 


is given by the equation 


_ _ AT Pa 


If P' > I, then the reaction at the left-hand electrode is the ioni- 
hlorine resulling in negatively charged chloride ions. 
-hand electrode, the chloride ions are discharged and the 
lecules formed are transferred to the gas phase. The posi- 
Live current flows from right to left and, according to the International 
convention. the emf of this cell is negative). Equation (8.4) indicates 
(hal for gases such as hydrogen and chlorine with z = + 2 the emf 
of a gas cull al a pressure ratio of P’/P” = 10 and al 25°C is about 
0.03 V. For an oxygen gas cell (z = —4) under the same conditions 
the emf is equal to 0.015 V. 

Concentration Cells of the Second Kind. Cells of this type consist 
of two identical electrodes immersed in solutions of the same electro- 
]yte of difierent activities. Depending on the ions with respect to 
which the electrodes are reversible, concentration cells of the second 
kind are classified as cationic, e.g. 


zalion of c 
Al the right 
chlorine ino 


' ow 
K, Hg/KCI/KCI/K, Hg 


(aj) (ayy) 


and anionic, e. g 
Ag, AgCl HCI HC I/ AgCl, Ag 
(op (ap 


The process giving rise lo an emf in cells of this type is the transfer 
of the electrolyte from the concentrated to the dilute solution: such 
cells are therefore also known as concentration cells with transference 
(or transport). They may also be called concentration cells with a liquid 
junction aS there is a boundary between the two solutions, across 
which ions are transported and a diffusion potential develops. 

Consider. 2$ an example. the generation of an emf in anionic cells. 
If ap > “b the reaction at the left-hand electrode is 


Ag + Clr = AgCl + e 


i The negative value of emf follows from the fact that here s = —2. 
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and ions are transferred according to their transport numbers 
(LET -i Ct). As a result of the electrode reaction. a molecule 
of silver chloride is formed, for which one g-ion of chloride ions 
is used. At the same time, 7. g-ions of chloride ions migrate to the 
electrode on the left. thus partially compensating the loss of chloride 
ions. The net loss of chloride ions when one faraday of electricity 
is passed through the cell is 


20S dapes tcr 


The region around the electrode will lose 4% g-ions of hydrogen, and 
so the amounl of hydrogen chloride will he reduced hy é. gram- 
equivalents. 

The same processes will Lake place al the right-hand electrode but 
in the opposite direction: first. Lhe conversion of silver chloride into 
melallic silver and chloride ions: 


AgCI + e = Ag + Cli 
and. second, the transport of ions: 
tlitt — ¢Clhy 

As a result, the amount of hydrogen chloride al the righ! Ind electro- 
de will increase by t+ gram-cequivalents. 

The sum of all the electrode processes gives the venecal equation 
for the electrochemical reaclion in the anionic cell. 

CHE Cn — t Hii -H Cla (8.7) 


Thus, the source of electrical energy in the concentration cell under 
consideration is the transfer of £. gram-equivalents of hydrogen 
chloride from the more concentraled lo the more dilute solution. 
Using Eq. (7.7) in combination with Eq. (8.7), we obtain the expres- 
sion for the emf of an anionic concenlration cell of the second kind: 


I . 
RT Wy Cty, 
E = Fo -:- jn —O 0. 
E Ho. F In 1 ote (8.8) 


Itty cm 
or 
: ae d. 
BT en. 


E =t, F 


9) 
7 = (8. 
Hoy Car 


since E = € o : ; , ; 
since. E? = ei i ef must be equal to zero for a system with two 
identical electrodes connected in opposition (s? = —e2). 

Using Eq. (2.4) relating the mean ionic activity of an electrolyte 
to the aclivities of its individual ions, one can wrile 


[EV = ah 
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and obtain, in place of (8.9), 
a 
E — 21,2.303 ZZ tog e (8.10) 
? -HClqu 


equation for the emf of a cationic 


Analogously, one can deduce the 
For example. for an amalgam cell 


concentration cell with transport. 

of the type 
I n 

K. Hg/KCI : KCL/K. Hg 


(ap) ` 6411) 
the following equation is valid: 
a KC 
E — —21.2.303 . log d (8-11) 
a, 
Rc II 


From Eqs. (8.10) and (8.14) it follows that by measuring the emf 
of a concentration cell with a liquid junction at different concentra- 
tions one can find the transport numbers of the ions. 

When the general thermodynamic equation for the emf of reversible 
electrochemical systems is used lo define the emf of concentration 
cells with transport, the equation is simplified. The value of the 
standard emf Æ is omitted and only the term characterizing the eflect 
of the concentration of the reaclants on the emf is retained. 


8.2.3, CHEMICAL CELLS 
Chemical cells are usually subdivided into simple and complex 
cells. In simple chemical cells one electrode is reversible with respect 
to the cations of the electrolyte and the other to the anions. In com- 


plex cells this condition is nol observed. 
Simple Chemical Cells. ln a hydrogen-oxygen ce 


Ha, M/ HzO / Oz, M 


s the chemical energy of the reaction 
hich results in the formation of water: 


ll of the type 


the source of electrical energy i 
between hydrogen and oxygen w 


Hz a OQ, = H,O 
Combining this reaction with Eq. (7.7), we obtain the following ex pres- 
sion for the emf of the hydrogen-oxygen cell 
E =E? A In Palos (8.12) 


The same equation can be obtained by considering the part ial 
electrode reactions. The reaction occurring at the hydrogen electrode 


is the ionization of hydrogen 
H, = 2H* + 2e 
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The emf of the cell is thus given by 


n 2 2 
411.4802 ah. dco. 
11+4S02~ B RT H**Ss0: 
E- E a ET yp — Et In 
27 411.0 411.0 


(8.17) 


Since 
ajistsoi- = anso, 


where ay.s0, is the total activity of H50, we can write for the emf 
of the lead accumulator, in place of Ed. (8.17). 


„ Fo. RT 44128004 
S (8.18) 
or, al 25°C, 


E = 2.04 + 0.059 log (8.19) 


In lead accumulators use is made of concentrated solutions of sul- 
phuric acid, and therefore the activity of wot: aino is not constant 
here and cannot be included in the meas: is. emf. 

The current-producing processes lying a! ihe basis of Eq. (8.18) 
are in accord with the so-called theory of do: le sulphation develo- 
ped by Gladstone and Tribe. According to this theory both electrodes 
are converted into lead sulphate on discharge. When they become 
identical in chemical composilion. i.e., when they are both transfor- 
med to electrodes of the second kind. SO; PbSO,. Pb. the cell 
emf practically falls down to zero. The product of the electrode reac- 
tions—solid lead sulphate—is capable of adhering to the electrode 
surface. Therefore, when a current flows in tlie opposite direction (if 
an external source of direct current is connected to the cell). the 
reactions proceed from right to left. recovering the initial current- 
producing substances (metallic lead and lead dioxide). After this 
process is complete, the electrochemical cell can again operale as 
à source of electrical energy. i.e.. it is capable of funclioning as an 
electrochemical accumulalor of electrical euergy. These discharging 
and charging cycles may repeat many limes, the original stale of the 
System being recovered after each new charging. Such accumulators 
are therefore sometimes called secondary cells. in contrast to primary 
cells (c.g. the Weston cell) in which the energy of chemical reactions 
can be used but once. 

The cell discussed above was the first lead accumulator. Il was 
designed by Planté in 1859 on the basis of the idea suggested by 
Jakobi. Later. in the 20th century, alkaline accumulators were devi- 
sed, viz. nickel-iron (Edison), nickel-cadmium (Jungner) and silver- 
zinc cells (André). 
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Complex Chemical Cells. Examples of this type of cells are the 
primary Daniell-Jakobi and Leclanché cells. 
The Daniell-Jakobi cell may be schematically represented as 


Zn/ZnSO, | Cu80,/Cu 
The reaclion taking place in the cell is 
Zn -+ Cu?* = Zn?* -+ Cu 


The left-hand electrode, the negative pole of the cell, is reversible 
with respect to zinc ions, and the electrode on the right. the positive 
pole, wilh respect to copper ions. The emf of the cell is therefore 
determined by the ratio of the activities of copper and zinc ions: 


s ~o RT Scur+ 
H Fo P; = (8.20) 


In this cel! there is a boundary between the two solutions. across 
which a diffusion polential is developed. The equations for the che- 
mical reaction and the emf of the Daniell-Jakobi cell are in fact more 
complicated than those given above. But since the mobilities of cop- 
per and zinc ions do not differ considerably and the concentrations 
of copper «nd zine sulphates are nearly equal. the diffusion potential 
plays no significant part in the generation of an emf in this cell. 
For the Leclanché cell 


Zu/NH,Cl, ZnCl;/MnO;, C 
the probable current-producing reaclion may be wrilten as 
Zn 2N II. CI + 2AInO2 = Zn(NIIg)eCl. + Mn;O; + H30 


The theory of the operation of the Leclanché cell has been insufli- 
ciently worked out so far. 

Double Chemical Cells. In double chemical cells two identical 
simple cells of different electrolyte activities have a common electrode 
and are thus electrically combined into a single cell via an electronic 
conductor. For example, two simple cells consisting of a silver- 
silver chloride and a hydrogen electrode each can be joined to form 
a double cell with a common hydrogen electrode: 


I 11 
Ag, AgCL/AICIH,, Pt, HyHCL/AgCI, Ag 
(ap (411) 


The same reaction takes place in cach single cell: 


Ag--H*-+ Cl = AgCl- 5 He 
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The emf of the cell is thus given by 


4 2 
R 4.4802 í R 4h. 480: 
EE Ala pe RT hn (8.17) 
P aino 7120 


Since 


aji«dso;- = aiso, 


where d11280, is the total activity of H.50, we can write for the emf 
of the lead accumulator, in place of Eq. (8.17), 


x RT 411280 
E =: E? -+ — |n 28 8.18 
F 0 ( ) 
or, al 25°C, 
E - 2.04 + 0.050 log A (8.19) 
UT 


In lead accumulators use is made of concentrated solntions of sul- 
phuric acid, und therefore the activity of water 411% in nol constant 
here and cannot he included in the measured emf. 

The current-producing processes lying at the basis of Eq. (8.18) 
are in accord with the so-called theory of double 
ped by Gladstone and Tribe. According 
are converted. into lead sulphate on discharge. When they become 
identical in chemical composition, i.e., when they are poih transfor- 
med to electrodes of the second kind. SO2-/PhsO,. Pb. the cell 
emf practically falls down to zero. The product of the electrode reac- 
tions solid lead sulphate—is ci pable of adhering to the electrode 
Surface. Therefore, when a current flows in the opposile direction (if 
an external source of direct current is connected to the cell). the 
reaclions proceed from right to left, recovering the initial current- 
producing substances (metallic lead and lead dioxide). After this 
process is complete, the electrochemical cell can again operale as 
a source of electrical energy, i. e., it is capable of functioning as an 
electrochemical aceumulator of electrical energy. These discharging 
and charging cycles may repeal many limes, the original state of the 
system being recovered afler each new charging. Such accumulators 
are therefore sometimes called secondary cells, in contrast to primary 
cells (e.g. the Weston cell)in which the energy of chemical reactions 
can be used bul once, 

The cell discussed above was the first le 
designed by Planté in 1859 on the basis of the idea suggested by 
Jakobi. Later. in the 20th century. alkaline accumulators were devi- 


sed. viz. nickel-iron (Edison), nickel-cadmium (Jungner) and silver- 
zine cells (André). 


sulpi ation develo- 
lo this theory Leth electrodes 


ad accumulator. It was 
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Complex Chemical Cells. Examples of this type of cells are the 
primary Daniell-Jakobi and Leclanché cells. 
The Daniell-Jakobi cell may be schematically represented as 


Zn/ZnSO, | CuSO,/Cu 
The reaction taking place in the cell is 
Zn -+ Cu?! = Zn?* + Cu 


The left-hand electrode, the negative pole of the cell, is reversible 
with respect to zinc ions, and the electrode on the right. the positive 
pole, with respect to copper ions. The emf of the cell is therefore 
determined by the ratio of the aclivities of copper and zinc ions: 


EE In oe (8.20) 


In this cel! there is a boundary between the two solutions, across 
which a diffusion potential is developed. The equations for the che- 
mical reaction and the emf of the Daniell-Jakobi cell are in fact more 
complicated than those given above. But since the mobilities of cop- 
per and zinc ions do not differ considerably and the concentrations 
of copper «nd zinc sulphates are nearly equal. the diffusion potential 
plays no significant. part in the generation of an emf in this cell. 
For the Leclanché cell 


Zu/NH,Cl, ZnCl;/MnO;, C 
the probable current-producing reaction may be written as 
Zn -+ 2NILCI -F 29n0, = Zn(NII3;Cl; + Mn2?0; + HO 


The theory of the operation of the Leclanché cell has been insufli- 
ciently worked out so far. 

Double Chemical Cells. In double chemical cells two identical 
simple cells of different electrolyte activities have a common electrode 
and are (hus electrically combined into a single cell via an electronic 
conductor. For example, two simple cells consisting of a silver- 
silver chloride and a hydrogen electrode each can be joined to form 
a double cell with a common hydrogen electrode: 


I II 
Ag, AgCI/HCI/H,, Pt, H,/HCl/AgCl. Ag 
tap (ap 


The same reaction takes place in each single cell: 


Ag+ H* CI = AgCl+ 1 Hs 
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but in opposite directions. If ay > ajr. then in the first cell the reac- 
tion proceeds from left to right, and in the second, from right to left: 


Ag- Hf CH- AgCl + H, 
and 


AgCl- 4 Hy Ag -- Hir - Clit 


The overall process is equivalent to the transfer of 1 g-ion of hydro- 
gen and 1 g-ion of chloride ions from the first cell to the second: 


Hf . Clr > Hf i Cli 


though actually there is no transport in this system because of the 
absence of a boundary between the solutions. and the change in the 
amount of hydrochloric acid is caused not by io: transport but by the 
chemical reactions taking place in the cell. According to the equation 
for the reaction involved. the emf of the cel! is given by 


aa 0... 
RT and) as: 


E= p E (8.21) 


a Ke 
HII Cun, 


Here Ee is the standard emf and is equal io zero since the same 
reaction occurs in the two single cells bul i: opposile directions. 
On one side of the hydrogen electrode (whic' is common for both 
cells) the cathodic process II“ + e = ½ Il: tehes place, and on the 
other. the anodic process !/;114 = 11“ -+ e. Such electrodes are called 
bipolar electrodes; they find wide use in the electrochemical industry. 
Taking into account that E = E, — E,, and substituting the mean 
ionic activity of the acid for individual ionic activities. we can 
write, in place of (8.21), 
p a T 
„ (8.22) 


F a K 
— 16 


A double chemical cell resembles a concentration cell of the second 
kind in the nature of the process involved and in the form of the 
equation for the emf. In double chemical cells. however, there is 
no liquid junction between the solutions and so the nuisance of diffu- 
sion potentials is avoided. A comparison of the emf of a double chemi- 
cal cell with that of a concentration cell of the second kind with the 
same electrolyle enables determination of its transport numbers 
because in Eq. (8.10). as distinct from Eq. (8.22). the prelogarithmic 
factor includes the transport number of the calion. By comparing 
the emf of a double chemical cell with that of the corresponding simple 
cell. one can find. with great accuracy. the standard potentials of 
its electrodes as well as the activily coefficients of the electrolytes. 
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Consider, as an example. the use of double cells for determining 
the standard. potential of a silver-silver chloride electrode and the 
mean activity coefficient for hydrochloric acid. Suppose that the 
aclivilies of the hydrogen and chloride ions in cell I and hence the 
mean activity of the hydrochloric acid are equal to unity. and the 
hydrogen gas pressure is one atmosphere. The emf of this cell will 
correspond lo ils standard emf. which is equal to the difference bet- 
ween the standard potentials of the hydrogen and silver-silver chlo- 
ride electrodes”: 


E, = Fi = eh. n. — 81I-/Agcl. ag (8.33) 
but ei /: = 0 and therefore 
E, = —20i-sagci. ag 


The total emf of a double cell is determined in this case by the equa- 
lion 


à 2RT 
E= - eel-J adi. ag EHE pln AHC (8.24) 
Taking into account that 
a, = maja 
one can wrile, in place of Eq. (8.24), 
RT RT - 
— terras ag EIr —2 Ge In masa —2 75-7 In fener), (8.25) 


or, rearranging, 


ee 2 2 in eu = En 2 K in maHeH,j (8-20) 


Cl-/AgCI. Ag ap an 


The value of £,, at different molalities of the solution. mauc. 


is obtained by direct measurement of the emf of a simple chemical 
cell? 


Pt, H,/HCl/AgCl, Ag 


(my) 


The value of the right-hand side of Eq. (8.26) may therefore be regar- 
ded as known for any molality manch): ab any value of m.. the 


D The equilibrium potential of the silver-silver chloride electrode on the 
hydrogen scale is defined as the emf of the cell Pt. H;/HCI/AgCl, Ag. This nota- 
tion is reversed for cell 1, i. e., the hydrogen electrode potential is expressed with 
respect to Lhe silver-silver chloride electrode, this leading to Eq. (5.23). 

The emf of electrochemical cells is usually measured by the Poggendorff 
compensation method. Tho principle of this method is explained in textbooks 
on physical chemistry. A detailed description can be found in manuals on physi- 
cal chemistry and electrochemistry. 
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ima sides of Eq. (8.26) are equal. If the quantity 
—F.. NF ln minam) = Ei is plotted against miun, 
E cane Will result similar to the one given in Fig. 8.1. Extrapolation 
is curve up to its intersection wilh the ordinate yields the value 
= geet. ag Since as ma — 0 the quantity f, lends to unity and 
~~ ù and. hence. the left-hand side of Eq. (8.26) will be equal 


47 — m 


Fig. S. 1. The graphical determination of the standard potential of a silver- 
silver chloride electrode from changes in the cuis of chemical cells 


to the standard potential of the silver-silver chloride electrode on the 
hydrogen scale. At 25°C the value of the standard potential of the 
silver-silver chloride electrode obtained in this way is 


EtI-/AgCl, Ag = 0.2224 + 0.00016 V 


Now that the value of the standard potential of the silver-silver 
chloride electrode is known, one can find the ionic activity for hydro- 
chloric acid by using the equations for the emf of a simple chemical 
cell and the potential of the silver-silver chloride electrode. Since 
the relation between the cell emf and the molality of the electrolyte 
is nol linear. for exact extrapolation one has lo measure the value 
of emf in very dilute solutions. The solutions used shall be pure 
and the experiment must be carried out very carefully. Other methods 
of extrapolation have been proposed which make use of the theore- 
tical or empirical equations for the activity coefficient. This enables 
one to avoid the difficulties indicated and to restrict himself to measu- 
rements of the emf in not very dilute solutions. 

Many of the standard potentials listed in Table 7.2 have been 
determined by this method. [n those cases when direct measurement 
was impossible, the values were found from thermochemical dala. 
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8.3. POTENTIOMETRY 


Potentiometry. like conductometry. is an electrochemical method 
of analysis widely used in scientific research and in control of various 
technological processes. lt is based on the dependence of electrode 
polenlials on the composition of the solution. As distinct from the 
conductometric method. the potentiometric technique ix used to 
measure a specific properly of solutions the activity of a given ionic 
species. It should be kept in mind however that the activity of ions 
of a given type depends not only on their concentration but also 
on the ionic strength of the solution. i.e.. on ils general composilion. 
In this sense. activity. like electrical conductance, is an integral 
property of the solution. 

The potentiometric method can be used lo determine not only 
the activity of the ions present in a given solution under given condi- 
tions. bul also the total concentration of these species. no matter 
whether they are present as free ions or make part of the correspond- 
ing compounds. In the first case one speaks of direct potentiometry 
(ionomeiry). and in the second, of potentiometric litrations. Combin- 
ing the results obtained by the (wo methods. one can determine the 
dissociation constant of a given electrolyte. For example. in an aque. 
ous solaiion of acetic acid. as a result of incomplete electrolytic dis- 
sociation 


CH,COOH = CH;COO- + H* 


part of the acid is present in the ionized stale and the other part 
in the form of undissociated molecules. Direct potentiometry. or 
ionometry, yields data on the content of free hydrogen ions and hence 
the conceutration of dissociated molecules of acetic acid. In potentio- 
metric tilration. which is conducted in much the same way as ordi- 
nary volumetric titration except that the electrode potential is used 
as indicator. the hydrogen ions are made to combine into water by 
adding hydroxyl ions. and the equilibrium of the dissociation reac- 
tion is shifted to the right until all the acid is titrated. 

In direct potentiometry. use is made of electrodes of accurately 
known standard potential which are strictly reversible with respect 
to the ionic species to be determined. For example. to measure the 
hydrogen ion concentration (pH value) one should make use of such 
indicator electrodes as the hydrogen. quinhydrone or glass electrode: 
with certain conditions observed and in a definite range of pH each 
of these electrodes strictly obeys the equation 


e = s? — DpH 
Metal-metal oxide electrodes (e.g. the antimony electrode) can also 


be used for pH measurements provided they have been calibrated 
against buffer solutions of known pH®. The second electrode (the 


D A glass electrode must also be calibrated. 
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reference or comparison) is usually a half-cell of known potential, 
say, the hydrogen or calomel electrode. Measures must be Laken to 
eliminate possible diffusion potentials so that the measured emf 
corresponds only to the polential difference between the indicator 
electrode and the reference electrode. 

In potentiometric titrations, indicator electrodes need not meet 
the above requirements. [n this case electrodes must only provide 
a regular change of the potential with concentration of the ions intro- 
duced or to be determined. The reference electrode may be either the 
internal or the external electrode immersed. together with the indi- 
cator electrode, in the test solution. II is necessary that the potential 
of the reference electrode either remain constant during tilralion 
or change differently from thal of the indicator electrode. Since 
in potentiometric titrations the potential of the indicator electrode 
need not be determined, no measures are taken to eliminate diffusion 
potentials. 

The principle of polentiometric titrations may be illustrated by the 
following example. Suppose a solution of hydrochloric acid is to be 
titrated with a solution of sodium hydroxide. By measuring the 
potential of the indicator electrode one can iassuming that the con- 
centrations are equal to the activities and neglecting the effect of 
electrostriction) trace the variation of the hydrogen ion concentration 
during the titration. It can be seen from lix. 8.2 that the greatest 
change of the indicator electrode potential ix observed near the equi- 
valence point. The point of inflection on the potentiometric titration 
curve corresponds to the volume of alkaline solution required for 
the acid to be completely neutralized. If potentiometric titration 
is carried out with an external reference electrode (or with a reference 
electrode dipped into the titrate, provided that ils potential under- 
goes no change during the titration). curve / in Fig. 8.2 will corre- 
spond to the change of the emf of the electrode pair (the indicator 
and the reference electrode). But if the potential of the internal refe 
tence electrode does not remain constant in the course of titration 
and changes, for example. in accord with curve 2, then the emf of 
such a pair of electrodes will vary according to curve 4. The highest 
value of emf is observed near the equivalence point and a maximum 
indicating the end point of titration will appear on curve 2. With 
such systems one can, instead of using a potentiometer to record the 
emf, directly measure the current intensity (noncom pensation poten- 
Uomelric litration). The greatest deflection of the pointer of the 
measuring instrument (c.g. a high-ohmic galvanometer) coincides 
with the maximum value of emf and hence with the equivalence 
point. The potential jump near the equivalence point in acidimetric 
litralions is the more pronounced, the higher the strengths of the 


acid and base laking part in the neutralization reaction and the higher 
their concentrations. 
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In a similar way, one can carry out titrations based on precipita- 
lion, complex-formation and redox reactions. In the case of precipi- 
tation and complex-forming reactions the indicator electrode mus! 
be reversible with respect to one of the ionic species present in the 
precipitate or complex ion formed. For example. in the titration of 
a solution of silver nitrate with sodinm chloride resulting in the for- 
mation of a silver chloride precipitate. the following electrodes may 
be used as an indicator electrode: metallic silver (an electrode of the 


Veg V 


Fig. 8.2. Typical curves of potentiometric titration 


first kind reversible with respect to Ag“ ions); the silver-silver chlo- 
ride electrode (an electrode of the second kind reversible with respect 
to Cl- ions): or the chlorine electrode (a gas electrode reversible with 
respect to Cl“ ions), which is less convenient to use. The potential 
change near the equivalence point, i.e.. the accuracy, or sensitivity. 
of the titration will in this case iucrease with decreasing solubility 
of the precipitate formed. For iustance. when silver ions are titrated 
with iodide ions, the sensitivity of the method will increase in com- 
parison with the reaction just considered because the solubility of 
silver iodide (A ag, = 107!5) is lower than that of silver chloride 
(K Agci = 0-1). 

In potentiometric titrations based on complex formation the accu- 
racy of the method increases with decreasing dissociation constant 
(instability constant) of the complex ion formed. In oxidimetric 
titrations a smooth platinum plate is used as indicator electrode. 
The poteutial change near the equivalence point and hence the sen- 
silivity of the titration increases with increasing difference in the 
Standard potentials of the redox systems in the test solution (titrate) 
and in the standard solution (litrant). 
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An advantage of potentiometric litrations over Lhe conventional 
volumetric titration is ils objectivity and applicability in the ana- 
lysis of coloured solutions. Moreover. one can follow the course of the 
lilration and all possible transformations by measuring changes of 
electrode potential. And. finally. one can determine potentiometri- 
cally two (in some cases even three) species of particles - molecules 
or ions—simullancously present in the solution. When employed for 
production control and automatic control! of technological processes. 
potentiometry again has a number of additional advantages over 
other techniques. [t provides uninterrupted control since the 
indicator electrode can be placed directly into the reaction space. 
Besides. the potential difference (or the current intensily determined 
by it) serves as a signal indicating a change in the state of the system 
being controlled, which is convenient for transmitting the signal 
lo controllers and actuating mechanisms. 


CHAPTER 9 


The Mechanism of Buildup 
of Electromotive Force and the Nature 
of Electrode Potentials 


The application of the laws of thermodynamics to electrochemical 
systems enables one to establish a quantilative relationship between 
the electrical energy of electrochemical systems and the change of the 
chemical cnergy of the current-producing chemical reactions taking 
place in these systems. The chemical energy of current-producing 
reaclions as a source of electrical energy in electrochemical systems 
ix correetly defined by thermodynamics. Bul. being a science dealing 
wilh general laws. Unermodynamics ig incapable of indicating the 
paths anıl mechanism of conversion of chemical energy into electrical. 
the parts of which the value of emf is composed. and the nature of 
the electrode potential. 

A morc complete picture of electrode equilibrium can be obtained 
by applying. along with thermodynamics. the molecular-kinelic 
theory te electrochemical systems. 


9.1. ELECTROMOTIVE FORCE AND ELECTRODE POTENTIAL 
As THE SUMS OF INDIVIDUAL POTENTIAL DIFFERENCES 


58.1.1. POTENTIAL DIFFERENCES IN ELECTROCHEMICAL 
SYSTEMS 


Polential dilferences may arise across the boundary between any 
two phases. though the mechanisin of their formation is not neces- 
sarily the same in each particular case and is dependent on the nature 
of contiguous phases. An electrochemical system (Fig. 9.1) may con- 
lain the following phases: 

(a) solid metallic phases—two electrodes and the external circuit; 

(b) liquid phases—solutions in contact with the electrodes: there 
may be cither two phases when the electrolyte is dissolved in two 
immiscible solvents. or a single phase when one solvent (e.g. water) 
is used: 

(c) a gas phase in contact with the solutions and electrodes (a phase 
resembling vacuum in properties). 

As is known, the potential difference between two points is defined 
by the electrical work required to transport a unit charge [rom one 
point to the other. [f both points are in the same phase, the work 


I ute 
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of charge transfer will be only electrical and the potential between 
the two points selected can be determined. But if the points are 
in two different phases. the transfer of a unit charge from one point 
to the other will involve not only electrical but also chemical work 
since the chemical potentials of this charged species are not equal in 


Fig. 9.1. Phase composition of an electrochemical system. The filled circle: 
indicate the localization of possible potential differences: 
M, and M,—electrode metals; L. and L,—solutions; V—gas phase 


the different phases. The energy stale of the charged particle is 
therefore characterized in a general case by the sum of the chemical 
potential and its electrical energy in a given phase: 

Mea = u + 27g (9.1) 
The quantity peca is called the electrochemical potential. and g cor- 
responds to the potential difference between a point inside the mate- 
rial phase and a point at an infinite distance in vacuum. The equi- 
librium condition for charged parlicles in a two-phase syslem with 
phases 7 and 2 will be the equality of their electrochemical potential: 


Hechy = pecha (9.2) 

The work of transporting a unit charge from phase 7 to phase 2 is 

equal to the difference of its electrochemical polentials in these 

phases: 

Hecht — Hen = gu — hz & (2F gy — zFg.) (9.5) 

Under equilibrium conditions, according to Eq. (9.2). this work is 
equal to zero. 

Since in a real process of transport of a unit charge from one phase 

the other chemical and electrical work is done simultaneously. 

it is only possible to determino the total energy effect corresponding 
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to the change of the electrochemical potential, but not its constituent 
paris. For this reason the absolute difference of electrical poten- 
tials (or the potential drop between two different phases) has not yet 
been measured experimentally. By contrast, the emf of an electroche- 
mical system. or cell. E is readily measurable since it corresponds to 
the potential difference between two points within the same phase— 
say. points b and q within the same metal or a and r in a vacuum 
near the metal surface (Fig. 9.1). Figure 9.1 shows an open-circuit 
electrochemical cell with two pieces of the same metal at both ends. 
If the emf is considered positive, a positive current must flow along 
the path Mo — M, > Li > Lz — Mz, i. e., in the counterclockwise 
direction. The emf of the cell is equal to the sum of all the potential 
differences arising along the entire path of current flow. These poten- 
tial differences may arise across boundaries between any two phases; 
in the case under consideration they will be localized between the 
points a and b, c and d. e and f, ! and m, n and p, and q and r. 

Before plunging into a discussion of the nature of these potential 
differences it is necessary to introduce the concepts used in electro- 
chemical literature today. 

The surface potential y is defined as a potential representing the 
work required to carry a unit positive charge from the interior of the 
phase to a point in vacuum situated in the immediate vicinity of the 
surface of the given phase. The phrase "in the immediate vicinity" 
should not be taken in the strict sense; it is usually quantified as the 
minimal distance from the surface of the given phase at which the 
so-called image forces cease to operate; this distance is approximately 
10-! cm. The internal. or inner. potential g is identified as a potential 
diilerence corresponding to the work done to bring a unit negative- 
charge from infinity in vacuum into the bulk of the material phase. 
And. finally, the external, or outer, potential x represents the work 
necessary to carry a unit negative charge from infinity to a point 
also in vacuum but situated in the immediale vicinity of the surface- 
of the phase. In line with the definition. one can write for a phase 


f: gs = Xs +p (9.4). 


The relations between all the above potentials can be conveniently 
represented by the following system of equation: 


Wh + 21F 45 + ZF bp = nien cn (9.5) 
up + zF4p = ab (9.6) 

be + Zn = £s (9.7) 

ag + 2 Pr = pien (5) (9.8) 

up + zFgp = Ween (0 (9.9) 


14* 
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From Eqs. (9.5) to (9.9) it follows that the chemical u, electroche- 
mical ez, and real æ potentials (see below) have the dimensions of 
energy, eV, while the surface x, external w, and internal g potentials 
are expressed in units of electrical potentials, V. In accordance with 
the system of equations given above, the definitions of potentials can 
be somewhat modified and explained. The electrochemical potential 


Meena) is the total energy of transfer of a charged species i from 
infinity to a point in the interior of the phase B. The chemical poten- 
tial ug is the energy of interaction of a charged particle i in the bulk 
of the phase B with the particles forming that phase. The surface 
potential 7g is defined as a measure of the change in the energy of the 
charged particle i on passing through the double dipole layer on the 
surface of phase B. The external potential Vg is a measure of the change 
in the energy of the charged particle i caused by its interaction with 
the free charge of phase B. The real and internal potentials are deriva- 
lives of u and y orp and y. respectively, and their physical meaning 
is clear from Eqs. (9.6) and (9.7). 

The potential differences between the points a and b, and g andr 
should be ascribed to the surface potentials between metal M and 
vacuum V; they may be designated. respectively. as yyy, and 
Jus v; naturally 


ZV = hi.? 


The potential difference between the points c and d inside the metallic 
phases M» and M, is the difference of the corresponding internal 
potentials, gsn- The points e—f and n—p are the sites where the 
differences of internal potentials metal-solution (M,-L,) and solu- 
tion-metal (Lz) are localized. These potential differences should 
be denoted. respectively. by Smit, and gr. The difference of 
internal potentials is called the Galvani potential; gl potentials 
are often called Nernst potentials and designated by e, like the ele- 
ctrode potential, though actually their physical meaning is different. 
The difference in the external potentials of the phases @ and B is 
called the Volta potential pag. For example, the potential difference 
between the points a and B is the Volta potential across the boundary 
between the metals M, and Mz, i.e.. the quantity Parte- and the 
potential difference between the points B and C is the Volta potential. 
Pant: across the metal-solution (M,-L,) interface. 

Finally. the potential difference between the points 4 and m is the 
Galvani potential across the solution-solution (L,-L2) interface and 
the symbol used is gi, . Here two cases should be distinguished. 
If the solutions Li and Lz correspond to two different immiscible 
solvents. then gri, is the Galvani potential between two liquids 
or the liquid junction potential. But if the solutions L, and L; 
difier from each other in the nature or concentration of the electro- 
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lyte. and not in the nature of the solvent, the potential is known as 
the diffusion potential; it is designated wa. 

Thus, the emf of an electrochemical system, or cell, is the sum of the 
following potential differences: 


E = Zvu + EMU. + Ewa + Bust, + gl T XMaV (9.10) 


or. afler the terms equal in magnitude but opposite in sign are can- 
celled out, 
E = guti F Bats + ELile + ELM (9.11) 


Hence. the emf of an electrochemical cell is composed of the follow- 
ing four potential differences: the Galvani potential between two 
metals. two Nernst potentials, and the Galvani potential between 
(wo solutions. In many electrochemical systems the liquid junction 
polential gy,14 is either absent or may be reduced to a minimum. 
So it is not an inevitable consequence of the nature of an electro- 
chemical system and necessary component of ils emf. The emí is 
thercfore usually expressed as the sum of three potential differences: 


E = gun, + Er. + Sum (9.12) 


In modern electrochemistry, the electrode potential e is identified 
with the emf of a cell in which the electrode on the left is an SHE 
(standard hydrogen electrode), whose potential is conventionally 
taken as zero. and that on the right, the electrode whose potential 
is to be determined. In our case the left-hand electrode (or metal 1) 
is platinum. The emf of the cell (as well as the electrode potential 
of metal 2) is expressed as 


eit. = EMP Ha) + ELM: — ÉLPtOHD (9.13) 


Thus. the electrode potential & (just as the emf E) consists of three 
potential differences and includes the Galvani potential across the 
boundary between the electrode metal 2 and the platinum. 

The emf of the cell is the difference of the potentials of tlie left- 
hand (Ms) and right-hand Gli) electrodes, i. e., 


E=e,— & 
or, taking into account Eq. (9.13). 


f E =e, — & = £u T ELM: — Si (9.14) 
since 
EMaPt — Smirt = died 
Equations (7.17) and (9.12) provide two different ways for expres- 
sing the emf, and show that the cell emf, being the difference of two 
electrode potentials, is at the same time a sum of three Galvani poten- 
tials. 
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9.1.2. ELECTROMOTI VE FORCE, 
AND ELECTRODE POTENTIAL A 1 It 
OF VOLTA POTENTIALS 


SUMS 


ferences in electrochemical 
elrode potentials are not 
trode potentials of redox 


The consideration of single potential dif 
systoms leads lo the conclusion that ele 
identical in thoir physical naturo. The elec 
reactions described by the scheme 


Red, Ox/Pt 


do nol include the contact potential difference between two metals 
and aro therefore simpler than, say, the potentials of electrodes of the 


first kind 
AIT / NM 


which inevilably contain the Galvani potential grim. The potentials 
of gas electrodes are also determined solely by Nernst potential diffe- 
rences, whilo those of electrodes of the second kind are composed 
of contact as well as Nernst potentials. 

The nature of the single potential differences across the interfaces 
of electrochemical systems, or their number, may serve as the basis 
for their classification. Either classification (i.c., either that based 
on tho nature of the process and the form of the emf equation or that 
based on tho number of potential differences constituting the emf) 
yields approximately the samo distribution of cells between the 
various types. For example, complex (double) chemical cells involve 
the largest number of single potential differences. while the emf of 
a concentration gas cell is composed of two Nernst potentials. 

'The breakdown of the emf into single potential differences yields 
additional information on the nature of electrochemical systems. 
But the basic equation (9.12) connecting the emf with potential 
differences cannot be considered satisfactory. The actually measurable 
emf is expressed here as the sum of Galvani potentials, each between 
two points in different phases and therefore inaccessible to direct 
measurement or determination. For equilibrium electrochemical 
systems this uncertainty can be eliminated if one takes into account 
that the change in the energy of a system in reversible processes is 
delermined by its final and initial states and is independent of the 
mode of transition from one state to the other. In view of this the 
direct contact between the phases constituting an electrochemical 
system (see Fig. 9.1) may be replaced by contact through a vacuum 
(Fig. 9.2). As seen from Fig. 9.2, which contains only one solution L, 
the emf of the system should be wrilten as the sum 


E = tyz + zav +a + vi iw T vil + xvu + XIV + 
F pr: + vz + Zav (9.15) 
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‘Taking into account that for any potential difference nn equation of 


the type 
baun = — baa 


holds good, we get, in place of Eq. (9.15), 
E = tba + 2 — Pia (9.16) 


‘The emf of the system is now composed of three Volta potentials. 
each of which. like the emf itself. is a directly measurable quantily: 


E 


SSS 


Fig. 9.2. The emf of an electrochemical system as a sum of Volta potential 


they all represent the electrical work done to transport a unil charge 
between the corresponding points within the same phase. Equation 
(9.16) can also be obtained from the arrangement shown in Fig. 9.1 
if a unit charge is carried along the path aBCDr and the solutions 
L. and Lz are assumed to be identical, i.c.. pop = Vran, = 0. 
The electrode potential on the arbitrary hydrogen scale can also be 
expressed by Eq. (9.16) provided that metal 7 is taken to mean pla- 
tinum saturated with hydrogen at atmospheric pressure and dipped 
into a solution with a hydrogen ion activity an- = 1 and the 
quantity wis is the Volta potential corresponding to the hydrogen 


electrode. 


D The bringing of two phases into direct contact changes the values of corre- 
sponding surfaco potontials, but this doos not invalidate Eq. (9.16). 
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It should be stressed that the experimentally accessible emf cor- 
responds to the difference of inner potentials of points in two pieces 
of the same metal connected to the electrodes of an electrochemical 
cell (the points b and q in M» and M;. respectively in Fig. 9.1): 


E = £y — & = Bx, — £x; (9.17) 


As noted earlier, the difference of inner potentials cannot he deter- 
mined in a general case, but since Ma and M; are of the same chemical 
composition, their chemical potentials are equal. i. e., ux, = uw. 


and Eq. (9.17) may be replaced by 


Mu, PM; 4 2 

E = £44 Cu $A — et — p (Pehta — Menon). (9.18) 

According to Eq. (9.18), the emf is the difference of the electroche- 

mical potentials of an elementary charged particle in M; and M} 

i.e.. a directly measurable quantity. For the case under examination 
Xu. = XM and 


E = £u; — £u; = Pu + J — (ku; Zug = 
= Uu. — tba; (3.19) 


that is, the emf is equal to the difference of external potentials near 
two metallic phases of the same chemical composition (the points 
a and r in Fig. 9.1), which can also be measured. 

Thus, the emf of an open-circuit electrochemical cell is given by the 
equation 


E = guy; = Patay = + (Hech (May — He nay) (9.20) 


Equation (9.20) is valid also for an electrochemical cell which, is 
not at equilibrium, provided that the surface and chemical potentials 
of the phase are independent of ils free charge. 


9.1.3. THE PHYSICAL AND CHEMICAL THEORIES 
OF TILE ORIGIN OF ELECTROMOTIVE FORCE 
IN ELECTROCHEMICAL SYSTEMS 


Ihe magnitude of electrode potential does not in general coincide 
with the Nernst potential, nor with the difference in the Nernst 
potentials of a metal and electrode II/ IIz, Pt since it includes also 
the contact potential between the given metal and the platinum. 
For this reason the concept of electrode potential is more complica- 
ted than the concept of the potential difference across an electrode- 
solution interface and cannot be reduced to it. The so-called physical 
theory of electrochemical systems formulated by Volta at the beginn- 
ing of last century placed special emphasis on the contact between 
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two dissimilar metals. According to this theory. the emf of an electro- 
chemical system is taken as equal to the Volta potential between 
two dissimilar metals. and the Volta potential difference across 
a metal-solution interface as equal Lo zero. The generation of a current 


Y 


N 


Fig. 9.3. Schematization of the physical theory of the generation of emf upon 
transilion from a system consisting of two metals (a) to a system consisting 
of the same metals with an added separating solution layer (4 


in an electrochemical cell is explained as follows. If two dissimilar 
metals are brought into direct contact (Fig. 9.340), no emf will be 
formed since 


E = Vu, — Vu; = Paya, CE Part, = scat, — M I = 0 
But if direct contact between the two metals at the boundary -1 is 


replaced by contact through a current-conducting solution (see 
Fig. 9.35), the emf of the cell will be equal to ua;: 


E = bu. — Vu; = Pug, . Pay T pia, = Page = , st 


since 
PML = 0 and Tox, =0 


As a result, an electric current will flow through the cell, i.e., the 
cell will produce electrical energy. 
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The Volta theory ignores the Nernst potential difference and thus 
cannot account for tho dependence of the emf on the electrolyte con- 
centration. Besides, it contradicts the basic law of thermodynamics — 
the law of conservation of energy by postulating that energy arises 
out of the mere existence of an invariant potential difference between 
two metals, that is, out of nothing. ‘The physical theory of Volta 
was crilisized soon after it was created. In 1805 Ritter advanced his 
views, which were later developed by other scientists into the che- 
mical theory of electromotive force. According to this theory, which 
was most thoroughly elaborated in the works of Nernst and Ostwald. 
in electrochemical systems electrical energy is produced by the che- 
mical reactions taking place at the electrode-electrolyte interface. 
The chemical theory thus provides a correct definition of the source 
of electricity in electrochemical Syslems. It forms the basis of the 
quantitative thermodynamic expressions for electromotive force and 
electrode potentials considered earlier. Following this theory, 
Pisarzhevsky established a distinction between chemical and electro- 
chemical processes and formulated a Set of condilions necessary for 
chemical energy to be converted to electrical energy. At the same 
time the chemical theory assumes that the emf of an electrochemical 
system is only composed of two potential differences across the inter- 
faces at which current-producing chemical reaclions occur. i.e.. 
across electrode-electrolyte interfaces. It neglects the contribution 
of the potential difference at the metal-metal junction to the emf. 
Electrode potentials are identified with potential differences across 
the electrode-solution interface, and the emf is given by 


E = ELM, — Siwy (9.21) 


Now we know that these conceptions of the chemical theory are 
nol true, and that in fact the emf of an electrochemical system consists 
of three potential differences, 

The relation existing between electromotive force and single poten- 
lial differences can be illustrated by considering, as an example. 
an electrochemical system consisting of two metals immersed in 
solutions of their current-conducting compounds: 


Ms, M/M,A//M;A/M, 
The emf of the cell is determined by Eq. (9.16): 


E= Watery + Pima — Pim 


since the diffusion potential at the boundary belween the two solu- 
tions has been eliminated. If the potential differences ppm, and bya, 
are eliminated by some means (say, by selecting solutions M,A 
and M3A of suitable composition), then, contrary to the conceptions 
of the chemical theory, the emf of the cell will be equal to the Volta 
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potential at the metal-metal interface, and not to zero’: 
E = e, — & = fum (9.22) 


Equation (9.22) underlies the parallelism discovered by Langmuir 
in 1917 between the emf of chemical cells and the contact potential 
difference across the metal-metal interface in these cells. If the 
composition of solutions M,A and M2A is altered. two additional 
potential differences. PIA and wr. will appear. contributing 
to the emf in accordance with Eq. (9.16). 

There are, however, electrochemical systems, say, a simple chemical 
cell with gas electrodes 


Pt, H4/H50/05, Pt 


in which there is no contact between the two dissimilar metals, 
and hence, the contact potential gmax, makes no contribution to the 
emf. The emf of such systems is given by Eq. (9.21). which follows 
from the chemical theory. The presence of a contact potential between 
the two different metals is not thus a prerequisite for the appearance 
of an emf and the production of energy in electrochemical systems. 
Contrary to the conceptions of the physical theory, electrical energy 
can be obtained from an electrochemical cell with electrodes made 
of the same metal. 


9.1.4, THE NATURE OF POTENTIAL DIFFERENCES 
ACROSS PHASE BOUNDARIES 


A potential difference across an interface between two phases is 
produced by various factors, largely depending on the nature of the 
conliguous phases. One of the more general causes is an exchange 
of charges. At the moment the two phases are brought into contact. 
charges start leaking across the interface predominantly in one direc- 
tion, this resulting in an excess of charge of a given sign on one side 
of the interface and a deficiency of them on the other. Such an uncom- 
pensated exchange results in the formation of an electrical double 
layer and hence gives rise to a potential difference. The latter will 
in turn influence the kinetics of charge exchange, tending lo level 
out the rates of transfer of charged particles in both directions. As the 
potential difference increases there will come a moment when no 
preferred transfer of charged particles from one phase to the other 
will occur and their velocities in both directions will become equal. 
This value of potential difference corresponds to an equilibrium bet- 
ween the phases at which the electrochemical potentials of the charge: 


1) Electrodo potentials corresponding to such experimentally realizable 
conditions were named by A. Frumkin potentials of zero charge; he noted that 
the actual relations are more complicated and Eq. (9.22) is only approximate. 
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particles in the two phases are equal. Both positive and negative 
ions and also electrons may be involved in the charge exchange bet- 
ween the two phases. Which of these particles go from one phase to 
the other and are thus responsible for the appearance of a potential 
difference depends on the nature of the contiguous phases. l'or inter- 
faces between a metal and a vacuum or between two different. metals 
electrons usually play the role of such particles. With an interface 
between a metal and a solution of its salt the cations of the metal 
lake part in the exchange. A potential difference across the interface 
belween glass and a solution or between an ion-exchange resin and 


(b) 


Fig. 9.4. Development of a polential difference at a vacuurn-liquid interface 
as a result of (a) selective adsorption of ions, and (5) oriented adsorption of 
polar molecules 


a solution arises from an exchange involving two species of like- 
charged ions. The particles exchanged at a glass-solution interface 
or at the boundary between a cation-exchange resin and a solution 
are ions of an alkali metal and hydrogen; for interfaces between an 
anion-exchange resin and a solution it is a hydroxy! ion and some 
other anion. When two immiscible liquids in which oue and the same 
electrolyte is dissolved are brought into contact. a potential difference 
develops as a result of a nonequivalent transfer of opposilely charged 
ions of the electrolyte from the one phase to the other. as with the 
diffusion potential. Thus. neither the liquid-junction nor the dilfusion 
potential is an equilibrium potential. 
is . responsible for the development of potentials 
phase boundary ir do adsorption of ions of one sign near the 
ions and the 100 15 nie case one of the phases is impermeable to 
interface (as CIN Mis is localized not on both sides of the 
tial difference) but uu 115 tange mechanism of formation of a poten- 
nity of the 10 y» ene of the phases, in the immediate vici- 
med by this 5 * ma A typical example of potential for- 
The absolute salue ut ihe ne polential at a solution-gas interface. 
red. but one can trace its Varela n e 
though this involves consid rabl wil h composition of the solution. 
Measurements were carried erase experimental difficulties, Such 
Frumkin and ' Carried out by Gouy, Quincke, and also by 
coworkers. It has been found that the strongest tendency 
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towards selective adsorption is usually displayed by anions. There- 
fore, the negative charge sheel of the double layer formed is often. 
though not always, situated closer to the interface and the positive 
sheet, away from it, in the bulk of the solution. 

A third possible factor responsible for the appearance of a potential 
difference is associated with the tendency of polar uncharged particles 
towards oriented adsorption near the boundary between two phases. 
In oriented adsorption one of the ends of the dipole of a polar molecule 
[aces the interface and the other, the phase to which the given mole- 
cule belongs (Fig. 9.46). The value of the potential depends on the 
number of adsorbed molecules, their dipole moment and degree of 
orientation. If only one of the two contiguous phases is polar. 
a double layer will form on thal side of the interface within the given 
phase; no potential difference will develop in the other, nonpolar 
phase. But if both phases are polar, an electrical double layer and 
the corresponding potential difference will appear in each phase near 
the phase boundary. 

The role of polar particles (the oriented adsorption of which gives 
rise to a potential) can be played by molecules of both solute and 
solvent provided they are capable of being selectively adsorbed at 
the phase boundary. As the concentration of thesesubstances increases, 
the potential difference is observed to increase gradually up to a cer- 
lain liisiting value. which will no longer change upon further addi- 
tion of a surface-active substance. This limiting value corresponds 
lo the saturation of the surface layer with polar molecules. 

The development of a potential difference across the phase boun- 
dary cannot be attributed, in a general case. to any one of the [actors 
quoted above; it arises, as a rule, from the combined effect of several 
parallel processes. The Galvani potential between two phases 
« and fj may therefore be represented, following Lange, as the sum 
of three potentials: 


gaß = ga + 8s + gain (9.23) 


= polential due to the transfer of charged particles from 
the one phase to the other 
2% = potential arising from specific (or contact) adsorption 
of ions 
Sain = dipole potential resulting from oriented adsorption of 
polar molecules at the phase boundary. 
From Eq. (9.23) it follows that if there is no exchange of charged 
particles. there remains a potential difference associated with adsorp- 
lion of ions and dipoles: 


gap = Es + gaip (9.24) 


where g, 


And if. in addition, specific (or contact) adsorption of ions is excluded. 
there will still remain the potential difference arising from oriented 
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adsorplion of polar molecules: 


Eal = Edip (9.25) 


Only in the absence of all the three effects (or in the case of their 
mulual compensation) will the potential difference between the twa 
phases be equal to zero. 


9.2. THE THEORY OF FORMATION 
OF ELECTRODE POTENTIALS 


An electrode potential is a very complex quantity composed of 
three single potential differences: the potential difference at the 
electrode metal-platinum interface, and the metal-solution and pla- 
tinum-solution potential differences. The theory of development 
of electrode potentials must therefore be based on definite conceptions 
of the nature of both the contact potential between the two metals 
and the potential difference across the metal-solution interface. 


9.24. THE CONTACT POTENTIAL AT THE BOUNDARY 
BETWEEN TWO METALS 


The relation existing between the Volta and Galvani potentials 
can be found by using the rule. according to which the sum of all 
the works of transferring a unit 

Go, charge along a closed path is 


v zero. Hence, the total work ne- 
cessary to transfer an electron 
across two contiguous metals in 
vacuum along the path indica- 

Avie Vr ted in Fig. 9.5 must also be equal 


iY NN to zero, i. e. "e UK 


or 
&i2 = Pre ＋ Ziv + vr (9.26) 


M. 
YHffy AN SS according to Eq. (9.4). which is 


222 applicable to two phases. . 

Thus, the Galvani potential 

Fig. 9.5. Relation between the Volta between two phases is equal to 

and Galvani potentials the Volta potential plus the sum 

of the two surface potential 

differences. Equation (9.26) may be regarded as the generalized 
form of Eq. (9.4) for a single phase. 

The work necessary to bring a particle i of charge zF from one 

phase to the other is known to be defined by the difference of the ele- 
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ctrochemical potentials of that charged particle in wo phases. for 


example, by the difference Bier — echa for the phases 1 and 2 
(Fig. 9.5). 
Using Eq. (9.9.), one can write: 


Bil, — Hie = Bi — pi + zFge (9.27) 


where ui and pi — chemical potentials of particle i in phases 7 and 2 
£i» = Galvani polential at the boundary between 

these phases. 
Substituting the value of gi» from Eq. (9.26) into Eq. (9.27), one has 


uten: — Micha = pi — pj + zFyuy — uF py + zF (9.28) 
For the boundary between each of these phases, j. and vacuum, the 
following equation holds: 


weeny = u + iP zy + uU, (9.29) 


The electrochemical potential of a particle i in phase j as well as ils 
external potential w/ can be measured experimentally. The difference 
of these potentials. which is equal to the sum of the chemical and 
surface potentials 


[eens — z Fb; = pj + / (9.30) 


can also be measured. The quantity pi + z, F4, is known as the real 
polential 43 of a particle i in phase j: 
ui + Fy = a (9.34) 
The real potential is equal in magnitude and opposite in sign to 
the work done to carry a particle i from a phase j into vacuum. lo 
a point in the immediate neighbourhood of the surface of the phase j. 
This work is called the work function (or ezit work) of the particle 
i and is denoted by the letter o 
oj = —aj (9.32) 
Substituting the values of the work function from Eq. (9.32) into 
Eqs. (9.28) and (9.29) gives, respectively. 
nio, — Mia, = Of oi + 2 PWI2 (9.33) 
and l ] 
Bee; = — Oj + z Fb; (9.34) 


Equation (9.27) permits one to obtain the value of the Galvani 
potential between two phases J and 2 in equilibrium. At equilibrium 


Bie — Meaty = 0 
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and "E 
Heh 25 
Ei = zm : (9.35) 
If both phases are metals, electrons wilh a charge of zF = —e 


will be exchanged between them. In this case Eq. (9.35) must be 
rewritten in the form 
€ e 
go = ELE (9.36) 
that is. the Galvani potential at the junction between lwo contiguous 
metals is determined by the difference of the chemical potentials 
of the electrons in these metals. Equation (9.56) could be used as 
a basis for calculating the Galvani potential if the chemical potentials 
of the electrons in the two phases were known. llowever, as noted 
above. the variation of the chemical potentials alonc cannot be deter- 
mined for charged particles because during their transport from one 
phase to the other electrical work is performed as well as chemical. 
Equations (9.35) and (9.36) thus provide only the relation between 
the chemical potentials and the Galvani potential but do not enable 
the latter to be calculated. 
Combining Eqs. (9.32) and (9.33). one obtains the following expres- 
sion for the Volta potential between two phases / end 2: 
(i — ci 


vn Af (9.37) 


For the special case of conlact between two metals one has 


é — GE 
0 or 


Yi ——— (9.38) 


Thus, the Volta potential between (wo metals is equal to the negative 
difference between the work functions of an electron from the first 
and the second metal divided by the charge of the electron, The work 
function is a directly measurable quantity. and therefore the value 
of the Volta potential can be calculated with the aid of Eq. (9.38). 
The work function can be found. for example, from the temperature 
variation of a thermionic current by using the Richardson equation 


"P 


i= AT%e WT (9.39) 


where 4 is the Richardson constant. The smaller the amount of work 
required lo remove an electron from a metal. the larger the number 
of electrons that can leave the metal at a given temperature and enter 
vacuum and the greater will be the excess positive charge in the 
metal. When two metals with different work [unclions are brought 
close together. the electrons will jump out of the metal with the 
smaller work function and rush to the one with the larger work func- 
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tion. As a result, the first metal will be charged positively and the 
second, negatively, as follows from Eq. (9.38). 

The most probable values of work functions for different metals 
are shown in Table 9.1. The values of work functions enable one to 
calculate the iz polentials for different metals. For example, for 
the pair Cu/Zn 


1 2. r 
Vcu/Zn 77 "s (ecu — zn) = V == 0.3 V 


while the emf of the cell 
Zn/ZnSO, : CuSO,/Cu 


is 1.11 V. Thus, the wie potential constitutes an appreciable part 
of the reversible emf of the electrochemical cell. Data on work func- 
lions are nol very accurate, but as the experimental technique is 
improved the disparity between the values of work functions obtained 
by different authors is reduced to a minimum. For most metals the 
experimental data depart from the average value by not more than 
+ 0.2 eV. more frequently by + 0.1 eV; for this reason the values 
in Cable 9.1 are given with an accuracy up to tenths of an electron- 
voll. 
TABLE 9.1 
Values for the Work Funclion of Some Metals 


ww | Wark AMF xe | mese 

Ag 4.3 * Mo 4.3 
A 4.3 | Na 2.3 
Bi 4.5 | Ni 4.5 
C (graphite) | 4.7 | Pb 4.0 
Cd 4.0 I pt 4.9 
Co 4.4 i Sb 4.6 
Cr 4.6 i Sn 4.3 
Cu 4.5 1 Ti 4.0 
Fe 4.7 (4.35) || TI 3.9 
Ga 4.1 * 4.1 
lg 4.5 iW 4.5 
K 3.2 i Zn 4.2 
Mg 3.6 | Zr 3.9 
Mn 3.8 | 

l 


9.2.2, THE NERNST OSMOTIC THEORY 


The first quantitative theory’ of electrode potential was proposed 
by Nernst in 1890; it is called the osmotic theory of electrode potential 
and electromotive force. Nernst's theory played an important part 


15—0363 
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in the development of electrochemistry. The principles underlying 
this theory are as follows: 

1. The electrode potential is determined by the metal-solution 
potential difference, while the emf of an electrochemical cell is the 
difference of two such single potential differences. 

2. An electrode potential arises only from the exchange of ions 
between the metal and the solution. 

3. The driving forces for ion exchange are the osmotic pressure of 
the solute and the electrolytic dissolution pressure of the metal. 

The first principle cannot be regarded as correct since the potential 
difference across the metal-solulion interface does not, in a general 
case, coincide with the electrode potential but is only a certain part 
of it. The assumption that the emf of an electrochemical cell is always 
equal to the difference of two Galvani potentials is also erroneous. 
The emf is composed not of two but of three potential differences, 
including the potential arising at the junction belween two different 
metals. Thus, the Nernst theory cannot be looked upon as the theory 
of electrode potential and electromotive force. In fact it is the theory 
of the metal-solution Galvani potential. i.e.. of that component 
of the electrode potential and emf which depends on the composition 
of the solution. 

The second principle is a correct reflection of the mechanism of 
formation of an equilibrium potential difference across the metal- 
solution interface. although ion exchange is not the only possible 
cause of the appearance of a potential difference across that interface. 
If an equilibrium exists between the electrode and the solution. the 
magnilude of electrode potential will be a measure of tlie change of 
the Helmholtz free energy $y (or the Gibbs free enerzy G) of the corre 
sponding electrode reaction. The electrode potential must be a defi- 
nite and constant quantity for a given electrode reaction. From the 
equation for the electrode potential 


tLM = gurt + £y — get 
where gupt and gp» are constant quantities for the chosen metal, 
it follows that at equilibrium not only 
eLMu = const 
but also 
ELM = const 


that is, the metal-solution potential difference at equilibrium is 
governed by the nature of the electrode reaction and is not affected 
by the presence of surface-active substances. In other words, for the 
case under consideration 


ELM = 8, + E, + gap = const 
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Al the same lime it 
of surface-aclive su Should be taken into account that the presence 
all the three compone ances of the ionic or molecular type may affect 
rence, but the quantis (£q. Bs: and aip) of the total potential diffe- 

Thus, the Nernst th Y Erw remains unchanged. : 
vani potential at the eory refers to only one component of the Gal- 
tity Erma Which is metal-solution interface, namely, to the quan- 

The assumption o actually the Nernst potential in the proper sense. 
during the formatio exchange between the metal and the solution 
it) was conlirmed b D of the equilibrium potential (and on reaching 
ried out afler N Y numerous investigations with tracer atoms car- 

HA ernst proposed his theory. If we add to the electrode 
metal (it is most ae $ 
: „convenient to use metal amalgams for such experi- 
ments) a certain am : : ive i ; 
electrode in contact ount of its radioactive isotope and bring the 
solution will al act with a solution of a salt of the same metal, the 
A similar el win AY radioactive properties after some time. 
of the el : will be obtained if we prepare a solution of a salt 
1 electrode metal containing its radioactive isotope and use 
an electrode made of a nonradioactive metal. Then the electrode also 
ccomes radioactive after some time. This effect is possible only 
when there is ion exchange between the electrode and the solution. 

The use of this and a number of other methods has made it possible 
not only to confirm the fact of ion exchange but also to estimate it 
quantitatively. Since exchange involves charged particles. the inten- 
sity of the process can be expressed in terms of current and is called 
the exchange current Je or exchange current density i? if referred 
lo unit surface. Exchange current density is expressed in am peres 
per unit surface area (1 cm?) of the electrode-solution interface; 
It serves as a kinetic characteristic of the equilibrium between the 
electrode and the solution al the equilibrium value of the electrode 
Potential. One of the first studies devoted to the determination of 
exchange current densities was carried out by V. Royter and cowor- 
kers (1939). The values of exchange current density for some electro- 
des are given in Table 9.2. The exchange intensity depends on the 
nature of the electrode and of the electrolyte within wide limits. 

According to the third principle of the Nernst osmotic theory 
exchange currents arise under the effect of the osmotic pressure of the 
Solution and the electrolytic dissolution pressure of the metal. 

Using these three principles. Nernst obtained a qualitative picture 
9f the development of the metal-solution potential difference and 
deduced a quantitative relationship between the value of this poten- 
tial difference and the composition of the solution. His reasoning 
was as follows. 

At the instant of immersion of a metal in a solution of its own ions 
àn exchange of ions begins between the metal and the solution. Three 
cases are possible, depending on the nature of the metal and on the 
composition of the solution (Fig. 9.6): 
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TABLE 9.2 
Exchange Current Densities at Room Temperature for Some Electrodes 


Exchange 
Electrode Solution density. 
A Jem! 
H/ Hz, Hg 1.0.Y SO, 5 x 10713 
Ni?*/Ni 2.0N NiSO, 2 x 1079? 
Fe?*/Fe 2.0N FeSO; 10-8 
Zn?*/Zn 2.0N ZnSO, 2x 10-5 
Cu?*/Cu 2.0N CuSO, 2 * 1075 
Zn2 / Zn, Hg 2x 10-3NV Zn(NO3)2+ 1. OV KN O3 7 * 10-4 
H/ II:, Pt 0.2N HSO; 1x 10-3 
Na*/Na, H 1.0N NaOll--1 x 10-3.V N(CH3,0H 4 * 10-2 
Pb“ / Pb. Hg 2x10-2Y Pb(NO3); + 1.0 RNOa 1071 
Hg?" /Ilg 2x 10-9N Hg: (N Oz): -r 2.0. HCIO; 5 * 10-1 


(1) the osmotic pressure a is higher than the electrolytic dissolu- 
tion pressure P (Fig. 9.6a); 

(2) the osmotic pressure à is lower than the electrolytic dissolution 
pressure P (Fig. 9.65); 


Initial moment Equilibrium 
(5) 
Fig. 9.6. Development of a potential difference at the metal-solution interface 


according te Nernst. The lengths of the arrows (in arbitrary units) are proportio- 
nal to the rates of the corresponding processes 


(3) the osmotic pressure a is equal to the electrolytic dissolution 
pressure P (Pig. 9.6c). EXP 
As soon as the metal and solution are brought inlo contact, there 
begins a predominant transfer of ions either from the solution into 
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the metal (case 1. al x > P) or vice versa (case 2. ata < P). Since 
the metallic ions are charged entities, their preferential transfer 
to any one of the phases will lead to the accumulation of an excess 
positive charge in this phase, while the other phase wil] be charged 
negatively. In either case the potential difference arising from the 
nonuniform charge distribution will have an accelerating effect on 
the slow reaction and put a brake on the fast reaction (see Fig. 9.5): 
this is typical of the exchange mechanism of development of an inter- 
phasial potential difference. After a certain (very short) period of 
time the potential difference will equalize the exchange rates in both 
directions. The potential will no longer change. retaining a constant 
value corresponding to the equilibrium between the metal and soluti- 
on. In just the same way the rates of charge-transfer reactions in the 


-> — 
directions solution-metal 7 and metal-solution 7 will become con- 
stant and equal in magnitude to the exchange current 


> — 
I-I-rn (9.40) 
Under these conditions the osmotic work 
RT In 
E] 
will be balanced by the electrical work 
ge F 
that is. 
RT In T -+ gF =0 (9.41) 
whence 
Q- In (9.42) 


Since in the osmotic theory the Galvani potential at the solution- 
metal interface is identified with the electrode potential, Eq. (9.42) 
may be replaced by 


RT 
ELM = — 1 


P d 
n D (9.43) 

Equation (9.43) shows that al a > P the metal is charged positi- 
vely and the solution negatively: the quantity gg. and hence the 
electrode potential, will be positive. At x < a reverse charge- 
transfer reaction lakes place and the quantities g4 and ets will 
therefore be negative. And. finally. when a = P, the metal will be 
uncharged with respect to the solution, and no potential dilference 
will develop across the metal-solulion interface, i. e. gq and ety 
will be equal to zero. 
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The above conclusions, which follow from the Nernst theory, 
should be considered erroneous because the potential difference 
g is only part of the electrode potential erm. With gg equal to zero 
the quantity ey may be different from zero and depends on the work 
function of a given metal. Besides, the potential difference ELM 
may differ from zero even when the exchange mechanism does not 
result in the appearance of excess charge on either side of the inter- 
face. The potential difference under these conditions may be attribut- 
ed to the orientation of polar molecules and the speciftc adsorption 
of ions [see Eq. (9.23)]. 

Following the Arrhenius theory. Nernst assumed that the ideal 
gas laws are applicable to electrolytic solutions. The osmotic pressure 
of an electrolytic solution may therefore be expressed in terms of the 
concentration of the Corresponding ions: 


x = RTc 
whence. on the basis of Eq. (9.43), one has 


RT P RT 
ELM = ~F nape t+ In Cat (9.44) 


If the concentration c 


zu in Eq. (9.44) is equal to one gram-ion per 
litre. then 


RT P x 
fw = — In = ELM (9.45) 
ram F NF 
where ei is the normal potential. Introducing the value of the 


normal potential. one can write, in place of Eq. (0.14). the following 
expression: 


RT 
eum = eLa +e In c- (9.46) 


Equation (9.46) bears a certain superficial resemblance to the 
general thermodynamic equation for the electrode potential as applied 
to the special case of metallic electrodes of the first kind. The Nernst 
normal potential may be identified with the standard potential if the 
concentrations in Eq. (9.46) are replaced by activities 

ELM = ef. - 2. In a+ = ety + Ar In cif i 

Equation (9.46) is known as the Nernst equation for the electrode 
potential; the same name is often given to Eqs. (9.43) and (9.44) 
as well as to the general equation (7.7). 

According to the Nernst theory, the normal potential is a simple 
function of the electrolytic dissolution pressure of a metal. 1t could 
be calculated for various metals from the known values of P. But 
Such a calculation is impossible in practice since the quantity P 
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is not directly measurable. It is however possible to establish, by 
using the known values of standard potentials, how the quantity 7 
varies from one electrode metal to another. If, for example, the elec- 
trolylic dissolution pressure corresponding to the standard hydrogen 
electrode is taken equal Lo 1 atm, the electrolytic dissolution pressure 
of beryllium will be about 10 atm. and that of copper. 107? atm. 
These values cannot naturally be accepted as the actual pressures. 
and thus the concept of the electrolytic dissolution pressure introdu- 
ced by Nernst evidently implies some other characteristics of the 
electrode-solution system. 

The Nernst equation is valid for electrodes of the first kind. and 
its sphere of relevance is restricted to electrodes of this type. [t must 
however be noted that this limitation does not undermine the Nernst 
theory. For example. Peters (1898) showed that Nernst's basic con- 
ceptions can be used for deducing the equation for redox electrodes. 
Nernst's ideas were developed in the works of Butler (1924). who 
succeeded in deriving kinelically equations for various types of elec- 
trodes. 

From the Nernst theory it follows that standard electrode poten- 
lials are independent of the nature of the solvent since the quantity P. 
which determines the normal or standard electrode potential, is not 
a function of the properties of the solvent but depends on the proper- 
ties of the metal. However, neither experiment nor theoretical con- 
sideralions support these conceptions, a circumstance that calls for 
a revision of the physical premises of Nernst’s theory. 


9.2.3. THE HYDRATION (SOLVATION) THEORY 
OF ELECTRODE POTENTIAL 


The Nernst osmotic theory is incapable of disclosing the physical 
essence of the processes giving rise to a potential difference across 
the metal-solution interface since it is founded on Arrhenius’ ideali- 
zed conceptions of electrolytic dissociation. The major shortcoming 
of the Arrhenius theory is that the properties of electrolytic solutions 
are identified with those of ideal gas systems, i.e.. tbe ion-ion and 
ion-solvent interactions are ignored. The same drawback is inherent 
in the Nernst theory. The theory of electrode potentials developed 
along the same path as did the theory of electrolytic solutions. Both 
the shortcomings and achievements of the latter theory have been 
reflected in the theory of electrode potentials. For example. the intro- 
duction of the concepts of activity coefficient (as a quantity associat- 
ed with ionic interaction) and activity as the effective concentration, 
which was a big step forward in the development of the theory of solu- 
tions, made il possible Lo obtain, on the basis of the Nernst theory, 
the correct relationship between the electrode potential and the com- 
position of the solution. Taking into account solute-solvent inlerac- 
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tions (insisted on by Mendeleyev) and, particularly, the possibility 
of formation of hydrated or solvated ions in solutions (A. Kablukov) 
was an important landmark in the development of the theory of 
electrolytic solutions. As a consequence, it became possible to find 
the cause of dissociation of electrolytes into ions. Ion solvation evi- 
dently also plays substantial role in the attainment of an equilibrium 
between electrode and solution. 

The Pisarzhevsky-Izgaryshev Theory. The mechanism of develop- 
ment of an electrode potential based on solvation phenomena was 
first formulated by L. Pisarzhevsky (1912-14). He thought that 
two processes are of decisive importance in the formation of an elec- 
trode potential. The first is the ionization of the electrode metal. in 
which ions and free electrons appear: 


M = M** + ze (9.47) 
Equation (9.47) does not contradict the present-day views on the 
nature of the metallic state. according to which the crystal lattice 
of a metal contains its ions in equilibrium with delocalized valency 
electrons; the latter form an electron gas and ensure metallic con- 
duction. The second process is the interaction of solvent L with the 
metal ions M** present in the crystal latlice; this process may be 
represented thus 
M^* + zL = MLZ (9.48) 


The overall reaction giving rise to a potential difference across the 
metal-solution interface should therefore be written in the following 
form 


M + zL — MLZ + ze (9.49) 
The equilibrium constant for this reaction is 


(ML?) [e]? E 
——IMHLEC TF (9.50) 


Thus, according to Pisarzhevsky, the transfer of ions from the metal 
into the solution is not due to the physically obscure electrolytic dis- 
solution pressure of the metal but is the result of its interaction with 
the solvent molecules. The electrolytic dissociation of electrolytes 
and the development of an electrode potential are thus based on the 
same process of ion solvation (or ion hydration in the case of aqueous 
solutions). Here, as follows from the reaclion (9.49). not free but 
solvated ions are formed on dissolution; their properties depend on the 
nature of the solvent. For this reason, as distinct. from the 
Nernst theory. the standard potential of a given electrode must 
change from solvent to solvent. This relationship was discovered and 
examined by many authors (Izgaryshev, Brodsky. Pleskov, Hartley. 
Izmailov. and others). It has been found that the change in the ele- 
ctrode potential from solvent to solvent is the greater, the smaller 
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the radius and the greater the charge of the ion taking part in the 
electrode reaction. According to Pleskov the least variation of poten- 
tial is observed for cesium. rubidium and iodine electrodes. where 
univalent ions of considerable size participate in the establishment 
of electrode equilibrium. Conversely, these variations are especially 
pronounced for hydrogen ions and polyvalent cations of small size. 
Precisely this dependence of electrode potential on the nature of the 
solvent could be expected on the basis of Pisarzhevsky's conceptions 
of the role of solvation phenomena in the development of a metal- 
solution potential difference. For quantitative comparison of poten- 
tials in different solvents the cesium electrode is used as the standard 
null electrode since its potential depends least of all on the nature 
of the solvent. 

Izmailov suggested using the absolute hydrogen scale for all sol- 
vents. He found the difference in the solvation heats of the hydrogen 
ion for a number of solvents and calculated the difference in the stan- 
dard potentials of the hydrogen electrode for the solvents studied. 
The data obtained by Izmailov on the effect of the solvent on the 
potentials of some electrodes are presented in Table 9.3. 


TABLE 9.3 


Standard Electrode Potentials in Different Solvents 
(in increasing order of positive value of potential in aqueous 


solution) 
Solvent 
Electrode 
H20 | CHOH | carson | HCOOH | NH3 
Li*;Li —2.95 
nb*;nb —2.93 
Cs*,Cs —2.93 
K /K —2.92 
Ja“ Na —2.71 
Zn3*/Zn --0.76 
Cd2+ Cd -.0.40 
11 / IIz. Pt —0.00 
I-;1,, Pt —0.5⁴ 
Ag* Ag +0.80 
CI /I. Pt 11.34 


It can be seen from Table 9.3 that not only the electrode potential: 
changes from solvent to solvent but in some cases (e.g. the electrodes 
I7/I; and Ag*/Ag in water and in liquid ammonia) even the order 
of arrangement of electrodes in the electrochemical series. If an elec- 
trochemical cell, or system. is constructed with identical electrodes 
in different solvents, then a considerable emf will result, provided 
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the liquid junction potentials are eliminated. For example, the initial 
emf of the cell 


Pt, H;/H*, HCOOH//H*, NH; /H, Pt 


will amount;to 1.52 V. This value exceeds the emf of the Daniell- 
Jakobi cell consisting of copper and zinc. which are so electrochemi- 
cally different. Thus, the effect of the nature of the solvent on the 
electrode potential is quite comparable 
with that of the nature of the metal. 

Of special interest in this conneclion 
are the works of Izgaryshev. who sub- 
stantially developed (1926-28) Pisar- 
zhevsky's qualitative conceptions and 
laid the foundation of the hydration 
(solvation) theory of electrode potentials 
and electromotive force. According to 
Izgaryshev, at the metal surface facing 
the solution one may find both metal 
ions and adsorbed waler molecules 
(Fig. 9.7). The metal ions can pass from 
the aqueous into the metallic phase, 
losing their hydration sheath and taking 
their position in the crystal lattice. At 
the same time the molocules of water 
Fig. 9.7. lzgaryshev's mo- (or another solvent). being adsorbed and 
del of the metal-solution in- oriented in a definite way at the inter- 
terfaco during the formation face, can interact with the ions located 

of a potential difference in the metal and pull them out of its 

lattice under certain condilions. Thus, 
the electrode potential depends, according to Izgaryshev, on the 
strength of the ionic bond in the metal and on the ion hydration 
energy. Izgaryshev has also demonstrated how. on the basis of 
his theory, electrode potentials on the hydrogen scale and the 
emf’s of various galvanic cells can be calculated from independent 
experimental data. 

Further Development of the Solvation Theory of Electrode Poten- 
tial. Conceptions similar to those forming the basis of the Pisarzhev- 
sky-Izgaryshev hydration theory were later used by other authors. 
For example. in 1932 Gurney applied the kinetic method suggested 
by Butler to the problem of the development of the equilibrium elec- 
trode potential; Gurney's ideas concerning metal-solulion interac- 
lions are consistent with Izgaryshev's theory. His calculations may 
therefore be regarded as a quantitative formulation of some of the 
basic propositions of Izgaryshev's hydration theory. 

Following Gurney, we will assume that the probability of transfer 
of a metal ion from solution to electrode (in the forward direction) 
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is proportional to the number of metal ions in contact with the metal 
surface on the solution side of the interface (Fig. 9.7) and the probabi- 
lity of ion transfer in the opposite direction is proportional to the 
number of solvent molecules on the metal surface. Gurney assumed 


-> a 
that for the number of forward n and reverse n transfers one can write 


n — kN, (9.51) 
and 
n = kN, (9.52) 


where Nm = number of ions in the entire volume of solution 
Vl = number of solvent molecules. 
Since the energy levels of an ion in the solution and in the metal 


are different, the proportionality coefficients & and & must be functions 
of the energy change occurring when the ion is transferred from one 


* H,O-AM7* 
Fig. 9.8. Gurney's potential diagram 


phase to the other. Such energy changes can be estimated with the 
aid of the diagram shown in Fig. 9.8. The left potential curve repre- 
sents the change of the ion free energy as a function of the distance 
between the ion and the enveloping water molecules; the position 
of the water molecules is taken here as pre-assigned and is indicated 
by a dash-and-dot vertical line. The horizontal line ur, corresponds 
to the lowest vibration level of the ion in solution. and the uo line 
to the energy level of a free gaseous ion. The potential curve on the 
right shows the energy change for a metal ion as a function of its 
distance from the fixed metal surface. The horizontal line ttm cor- 
responds to the lowest vibration level of the ion in the surface layer 
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of the metal lattice. For a forward transfer the ion must possess such 


z 
an amount of energy u which would raise it from the ug to the ug 
level. Then 


u = ug — ur, (9.53) 


The quantity u may be regarded as the energy required lo remove 
the ion from the solution. An ion being transferred in the opposite 
direction must rise from the um to the uo level. Suppose that 


— 


u = Hg — Um (9.54) 


Here u represents the energy required to bring the ion to the uo 
level; it may be defined as the work done to remove the ion from the 
metal. Assuming that the Maxwell-Boltzmann statistics is applicable 
to the ion distribution among energy levels. one can. in place of Eqs. 
(9.51) and (9.52), write equations taking into account changes in the 
energy of an ion in the course of forward and reverse reactions: 


ES 22. ut 0 

n=aNne kT = de kT (9.55) 
and 

— ET Um "o 

n = Ie XT —BNie kT (9.56) 


where @ and f are the transfer probability factors. 
t Usually at the instant of immersion of a metal in a solution 


n n, i. e., preferred transfer of ions in one direction is observed. 
As a consequence, a potential difference develops across the metal- 
solution interface, which in turn changes the energy stales of the 
ions. When equilibrium is attained, the frequencies of ion transfers 
in both directions become equal: 

— + 


Nerw = erp 


where gr is the equilibrium potential difference between the metal 
and solution. 

According to Gurney, the energy associated with the resulting 
potential will alter the energy state of the ions on the metal surface. 
In this case the u,, level drops down by the amount zegr (to the 
Ux level) as shown in Fig. 9.8 by a dotted curve. The number of back 
transfers will then be given by the equation 


- "m ELM Yo 
Mey =BNye — 9T (9.57) 
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Since ny jp = Mery it follows that 
up —4o Uy egg "o 
aNme "T B. Wie ET 


and 


1.51 D ar In Br (9.58) 


Equation (9.58) relates the inetal-solution potential difference lo 
the ratio of the lowest vibration levels of a metal ion in the solution 
and metal and also to the concentration of the solution. The ratio 
of the number of solute particles to that of solvent molecules. V. /. VI. 
may be taken as a quantity proportional to the concentration ex pres- 
sed. for example, in g-ion/litre. From Eqs. (9.53) and (9.54) and 
Fig. 9.8 it follows that 


uj — Um = — (h — y) (9.59) 


where A represents the hydration energy of an individual ion in a solu- 
tion of a given composition, and y corresponds to the work necessary 
io move the ion from the metal into vacuum. o, taken wilh the 
minus sign. Using Eq. (9.59) and switching from ions to gram-ions. 
Gurney rewrites Eq. (9.58) in the following form: 
yi-U, , RT 1 

gum = - = log ve (9.60) 
where y = ak/B (k is a factor for conversion of W“ VI. units 
expressing concentration to c units); U, = Nah and Y' = Nyy’. 
‘The hydration energy Un refers to the ideal solution. Ina real solu- 
tion the hydration energy will be higher owing to ion-ion interac- 
tions 9: 


Un > U, 

The difference between the hydration energies U, and U, must depend 
on the concentration of the solution. i.e.. 

Ur = Un + (o 
If we introduce a certain function of the concentration Ẹ given by the 
equation 

RT In $ = o (c) 
then 25 

U, = Un + RTInE (9.61) 


1 For an ion lo leave a renl solution it must, apart from shedding its hydra- 
tion shoath. overcome the attraction of the ionic cloud. 
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Substituting the value of U, from Eq. (9.61) into Eq. (9.60) gives 
Yi — U, RT 
Lu "+ In ke (9.62) 
The quantity & must correspond in its physical meaning to the activi- 
ly coefficient f. Pulling y = 1 (which is highly probable) and assu- 
ming that gim = eln (which is incorrect), Gurney deduced the 
following equation for the electrode potential: 


Yi—U RT 
ELN = + TR In 4 1. (9.63) 
At Gy 2+ =1 
"oU 
fps bec. 7 A rely (9.64) 


and the Gurney equation may be rewritten in the form 
RT 
ecm = ela + A In aya 


As distinct from the Nernst equation which contains an uncertain 
quantity (the electrolytic dissolution pressure), Gurney's formula 
for the standard potential includes the work function of the ion and 
ils energy of hydration, i.e., quantities possessing a definite physical 
meaning. The work function of the ion can be found with the aid of 
the following cycle: 


mz. 
[M] ——— (Mr) 
D MM Ker 
(M) 


The transfer of one gram-ion of a metal from the metal into vacuum 
requires an energy equal to the work function on. This transfer 
ean also be effected in two steps. First. one gram-atom of the metal 
is converted to gaseous free atoms by sublimation, which requires 
the energy of sublimation S. Then. the gaseous metal atoms are 
ionized into gaseous ions of valency z. Tbe energy used up at this 
stage is equal to the sum of ionization potentials, $7... The electrons 
return to the metal. the energy liberated being equal to the work 
function of the electron. «e. The work required to remove the ion 
into vacuum can thus be expressed as follows: 


owt = Sy + XI. — zo (9.65) 


All the quantities entering into Eq. (9.65) are experimentally measu- 
rable, though not always with great accuracy. Thus. Gurney's for- 
mula offers, one would think, the fundamental possibility of calcu- 
lating the absolute value of electrode potential from the energy chara- 
clerislics of the metal and solution. It must however be kept in mind 
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that. Gurney's theory, like the Nernst theory, defines not the whole 
electrode potential but only a part of it, i.e., the metal-solution 
potential difference. But even this quantity cannot be calculated 
on the basis of Gurney's theory since the latter does not take into 
account the potential difference which the ion crosses on its way from 
the vacuum into solution. The numerical value of this potential 
difference is known approximately. and therefore Gurney's formula 
determines the metal-solution potential difference with an accuracy 
up to a certain indefinite value. 

Despite this drawback. the Gurney theory deserves attention. 
This theory made it possible to obtain the first realistic equation for 
the Volta potential at the metal-solution interface. The Volta 
potential between two metals is equal to the difference in the work 
functions of electrons for these metals [see Eq. (9.38)]. In deriving 
Eq. (9.38) no special assumptions were made restricting its sphere of 
relevance to a definite type of interface. For this reason it may be 
assumed that the Volta polential for an interface between any two 
phases is determined by the difference in the work required to remove 
the corresponding charged particles from both phases into vacuum. 
For a metal-solution interface such particles are ions. 

Gurney's formula for the standard potential (2.64) is an equation 
whicl in fact defines the Volta potential across the solution-metal 
interface rather than the Galvani potential; it may be rewritten as 


+ M^* MIT 
YMA, ep On au: 
Yr Se ae (9.66) 
where 1, = — ACV is the real energy of hydration. Since accor- 


ding to Eq. (3.22) 
A, = Aca r Fr 


where Ag, is the chemical hydration energy and yuv the surface 
potential at the solution-vacuum interface, whose value is unknown, 
the absolute value of ps, cannot be calculated from the Gurney 
formula. The latter can however be used as a basis for elucidating the 
effect of the nature of the solvent and the metal on the emſ's of ele- 
cirochemical cells and on conventional electrode potentials. These 
questions, which are of fundamental importance to electrochemistry, 
werc thoroughly studied by Pleskov and Izmailov. 
Izmailov makes use of Eq. (9.16) 


E = 2 + Pre — Pus 
which is valid for electrochemical cells of the type 


in which either there is no liquid junction or the diffusion potential 
has been eliminated. It is also applicable, for instance. to a cell 
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which determines the electrode potential of a metal on the arbitrary 
hydrogen scale: 


Pt, H;/H*//M:*/M (9.68) 


Substituting into Eq. (9.16) the values of Volta potentials from | 


(9.38) and (9.66) and assuming that Z; = sz, = Z, and 2. 
= 2. = z and that the activities of the participants of the electro- 


chemical reaction are equal to unity. Izmailov obtains: 


"qs. 


: MU Mi’ 
«f — qf o! -A m2 A 
po Uu p cte 93 pf a 
E = =F tF T (9.69) 
or 
wi Mi 
€. qu Lx 067 2 
E oi us ES o0, à Ach, = 602 : Achy (9.70) 
F = zF 
since from Eq. (3.22) it follows that 
4A rn — E FI clea, ES zFyiv E Acn, — 2Fy Lv = Ach — Aen. 


For the cell (9.67) the work functions of the metallic ions for the 


metal may be replaced by their values from the expression (9.65); 
then, after some rearrangement, one has: 


Si— S- I — X4. leni - Aen 7 
0 — 21 2772440) — 51.400 chi Aen 4 
E TIE ELTE (9.71) 
For the cell (9.68). which determines the standard potential of 
electrode M:*/M on the arbitrary hydrogen scale. the value of 


if : . + T 2 
e. equal in this case to wif, , can be found from the following cycle 


Pt, H 


where Dy, = energy of dissociation of hydrogen molecule 


‘ads = energy of adsorption of hydrogen atoms on platinum 
In. = ionization potential of hydrogen atoms 


Opi = work function for electrons to be removed from pla- 
tinum. 


From the above cycle it follows that 


—— 1 : 
oH, = ＋ Dg, rec Ig. — One (9.72) 


Substituting this value of oH; for en into Eq. (9.70) and replacing 


Mit M* . : 
Ae. Lenz and oF? by 2A enh - Ae ngts- and on and taking into 
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account Eq. (9.65), one obtains: 


1 í 
„ TIm Snt JH. Ely %- An: -. 
m M 6äũ¹ůd.ʒ:. ^ = (9.73) 


Equations (9.71) and (9.73) should be regarded as a mathematical 
expression of the basic propositions of the hydration (solvation) 
theory of electromotive forces and electrode potentials. The values 
of emf and standard electrode potential are represented as the sum 
of two terms. The first of them is governed by the properties of ele- 
cirodes. and the second by the properties of potential-determining 
ions and the nature of the solvent. 

Equations (9.71) and (9.73) can be employed to resolve many impor- 
tant problems pertaining to electrochemical equilibrium systems. 
For example, using Eq. (9.71), one can account for the dependence 
of the emf of the electrochemical cell (9.67) on the properties of the 
solvent. In this case the first term in Eqs. (9.71) and (9.73) remains 
constant. and the variation of the emf with the nature of the solvent 
is determined by the second term. Hence. Eqs. (9.71) and (9.73) 
may be rewritten in the form: 


E? = const + Achi—Achs_ 
zF 


and 
zÁchg. — Ache 


E? = const + zF 


Ai! theoretical equations for calculating the hydration energy 
contain the Born term 
226 N A 1 
(1-5) 


2r 


and therefore the emf must be a function of the dielectric constant 
of the solvent, i. e., it must change from one solvent to another having 
a different dielectric constant. On the basis of the Born formula for 
the hydration energy one would expect a linear variation of E? 
with 1/D. This was first suggested by Brodsky. who deduced a corre- 
sponding equation for emf. The experimental investigations carried 
out by Brodsky, Izgaryshev, Pleskov, and Izmailov have shown that 
this assumption can only serve as a first approximation. This result 
should be considered legitimate since the Born term does not cover 
the whole hydration energy, which includes also specilic interaction 
forces. A theoretical calculation of the hydration energies of indivi- 
dual ions is a complicated problem that has not yet been solved. It 
would be more reasonable to use Eq. (9.70) for solving the reverse 
problem, i-e., estimating the changes of the chemical energy of hyd- 
ration from solvent to solvent by using experimentally determined 
values of electromotive force. 
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PART FOUR 


The Electrical Double Layer at 
the Electrode-Electrolyte Interface 


In the preceding seclions we discussed the following; (a) the physi- 
cal meaning of the electrode potential; (b) its relation with poten- 
tial differences at phase boundaries; (c) the conditions under which 
a potential difference develops across an eleclrode-electrolyte inter- 
face (this p.d. being the principal part of the electrode potential); 
and (d) the dependence of the value of this p.d. on the composition 
of the solution. In considering the mechanism by which a potential 
difference develops at the electrode-electrolyte interface it was stated 
that the main factor responsible for its appearance is the exchange of 
ions between an electrode metal and the solution. This process al 
first (i.e., at the moment the metal and solution are brought into 
contact) involves nonequivalent amounts of ions, as a result of which 
the two contiguous phases acquire excess-charge densities of opposite 
sign and an electrical double layer is formed. But we have not yel 
examined the structure of the eleclrical double layer and the charge 
distribution on the two sides of the interface. The structure of the 
double layer is of no decisive importance to the value of equilibrium 
electrode potential, which is determined by the frec-cnergy change 
in the corresponding electrochemical reaction. At tiie same time the 
structure of the double layer plays an important role in the kinetics 
of electrode processes. including that of ion exchange in equilibrium 
conditions because its intensity (the exchange curren! 7°) depends on 
the structure of the double layer. The theory of the siructure of the 
double layer therefore serves as a sort of an intermediate link between 
electrode equilibrium and electrode kinetics. 

An important contribution to the formation of the present-day 
conceplions of the double-layer structure has been made by investiga- 
tors of electrokinelic and electrocapillary phenomena. 


CHAPTER 10 


Electrokinetic and Electrocapillary 
Phenomena 


10.1. ELECTROKINETIC PHENOMENA 


Klectrokinetic phenomena reflect the relation between the relative 
motion of two phases (most often, a liquid and a solid) and the ele- 
ctrical properties of the interface between them. Electrokinetic phe- 
nomena arise in those cases when one phase is dispersed in the other, 
i.e.. when the system can be described as microheterogeneous. Four 
groups of electrokinetic phenomena are distinguished: electroosmosis. 
electrophoresis, streaming potential, and sedimentation potential (Tab- 
le 10.1). 

TABLE 10.1 


Classitieation of Electrokinetic Phenomena 
ꝗ2q.q8wBß KT ĩͤ .... M 


Phenomenon Deseription Cause 


— —ꝛꝛñ ̃ ́=— —äm—ç— . w—Uœ—ẽ—ö U —— — 


Elec troosmosis Movement of a liquid along | An externally applied ele- 
a solid (a capillary, sy- ctric field 
stem of capillaries or po- 
rous plug) 


Electrophoresis Movement of solid particles An externally applied ole- 

dispersed in a liquid ctric field 

Streaming poten-] Formation of a potential | Movement of a liquid along 
tial difference between the] a solid (a capillary, system 

upstream and downstream | of capillaries or porous 
ends of liquid flow plug) 

Sedimentation po-] Formation of a pelential | Sedimentation of solid par- 
tential (precipi- difference between tho top] ticles suspended in a li- 
tation potential) and the bottom of a ves-| quid (movement of solid 

sel in which dispersed so-] particles relative to a stu- 
lid particles are suspen-| tionary liquid phase) 


ded in a liquid 


——————————————————DO 


The discovery of electrokinetic phenomena is due to F. Reuss, 
whose experiments on electroosmosis and electrophoresis were des- 
cribed in 1809 in the Proceedings of the Moscow Society of Naturalists. 

The other two effects (streaming potential, which is the converse 
of electroosmosis, and sedimentation potential, the converse of ele- 
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clrophoresis) were discovered by Quincke (1859) and Dorn (1878) n, 

The electrokinetic effects, especially electroosmosis and electro- 
phoresis ), lind use in many processes, for example. in dehydralion 
and purification of various materials; deposition of rubber, leather 
and other coatings onto nonconducting materials; impregnation of 
textiles with fire-resistant compounds; determination and separalion 
of enzymes, proteins, viruses, and other complex systems. 

The occurrence of electrokinetic phenomena is an indication that 
there is an electrical double layer at the boundary between a solid 
and a liquid, both these phases being electrically charged. The move- 
ment of suspended solid particles inside the liquid under the influen- 
ce of an applied electric field (electrophoresis) is only possible when 
the solid particles distributed in the liquid are electrically charged. 
Similarly, the electroosmotic movement of the liquid would be 
impossible if it had no charge, which is affected by an electric field. 
No potential difference would arise between points at different heights 
in a tube where sedimentation of the solid particles suspended in the 
liquid occurs if the precipitating particles had no electrical charge. 
And. finally, one cannot account for the appearance of a streaming 
potential without assuming that the liquid possesses a certain charge. 

A study of the relation existing between the direction and velocity 
of electrophoresis or electroosmosis, on the one hanc. aud the dire- 
ction and strength of the applied electric field, on the other. can yield 
information on the sign and magnitude of the charge of the solid 
particles with respect to the liquid and on the corresponding polen- 
tial difference. 

The approximate theory of electrokinetic phenomena provides 
the following equations for the electroosmotic velocity U and the 
streaming (or sedimentation) potential E: 


D Av 
Wi che È (10.1) 
and 
DP 45 
dui (10.2) 
_ DP ob. 
E= xy te ö (10. 2a) 
where D = dielectric constant of the liquid phase 
Aw / Ar = electric field strength in the direction parallel to the 


interface between the liquid and solid phases 
viscosity of the liquid phase 
Xo = conductivity of the liquid phase 


2 
il 


D The phenomenon of sedimentation potential is also known as the Dorn 
effect.—Tr. 


* These two phenomena are also called electroendosmosis and cataphoresis, 
respectively. — Tr. 
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pressure causing the relative movement of the phases 


along the interface 
Q = cross-section of the suspended particle (or pore). 


In the case of electrophoresis 
p=gM (142 (40.3) 


P 


where g = acceleration due lo gravily 
J = mass of the suspended particles passing through 
a unit cross-sectional area (1 cm?) of the microhele- 
rogeneous system 
dı and ds = densities of the liquid and suspended solid particles, 
respectively. 

The quantity ¢ in Eqs. (10.1) and (10.2) is called the electrokinetic 
or zeta potential; it can be found with the aid of Eqs. (10.1) and (10.2) 
if the quantity U or E is known. It is however necessary to remember 
that these equations are approximate, and hence the value of ¢ can 
be estimated only roughly. Direct measurements yield DU» 
rather than F. and the calculated value of & depends on the numeri- 
cal values of D and y. The values of the dielectric constant and visco- 
sity ef the liquid phase which are substituted into Eqs. (10.1) and 
(10.2) may be different from those observed in the immediate vici- 
nity of the interface. The ¢ potentials calculated from these equations 
may therefore differ markedly from their true values. Besides. the 
field strength and conductivity of the liquid near the interface li.e., 
the quantities that would be used in calculating the zeta potential 
from Eqs. (10.1) and (10.2) l and in the bulk of the liquid phase do not 
coincide in a general case. This difference is due to the fact that the 
ionic composition at the phase boundary is usually different from 
the average ionic composition of the whole liquid phase. This is 
reflected in the appearance of so-called surface conductance z'. 
Bikerman pointed out that the appearance of surface conductance is 
responsible for the fact that the field strength near the interface, 
(Af Az) Is. is usually lower than the average macroscopic field 
strength. the quantity (Ay/Az)rs being given by 


Ap 
(I) =r (10.4) 
Ir LS ,. xd . 
fot Pa 


where / is the perimeter of the pore or particle. 

It was formerly thought that the zeta potential of colloid chemistry 
is equivalent to the electrode potential (or the € potential) of ele- 
clrochemistry, more exactly, to that part of the electrode potential 
which represents the potential difference at the clectrode-electrolyle 
interface. This thinking was based on the nature of electrokinetic 
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phenomena. Indeed. if the liquid-solid interface is also a surface of 
shear (or slipping plane) during the movement of the phases relative 
to each other, the zela potential must be equal to the & potential or. 
more precisely. to the potential difference gy. If this assumption 
were valid and in agreement with experiment, il would he possible 
to measure the electrode-electrolyte potential difference ex perimen- 
tally and to determine the absolute electrode potential. It is however 
impossible to check the validity of this assum plion by direct compa- 
rison of the independently found values of the d and gy» potentials 
since the Galvani potential gp is experimentally inaccessible. But 
it is possible to check it indirectly by comparing the dependences of 
the £ and e potentials on the solution composition. 

Since gy is the only constituent part of the electrode potential 
that depends on the electrolyte concentration. it follows that with 
the equality £ = gyu being satisfied the variation of the & and € 
potentials with concentration must be the same and obey the same 
law. Such a comparison can be made. for exam ple. ax follows. First. 
an insoluble solid is ground and the electrophoretic velocity of the 
resulting particles in a solution of variable electrolyte concentration 
is measured. This being done, the zeta potential is determined as a 
function of the concentration. Then the same solid ix used as an ele- 
ctrode in the same solutions and its e potential is measured on the 
hydrogen scale. Such experiments have been carried out by many 
investigators and all the results obtained show tha: he zela polen- 
tial cannot. be identified with the electrode potentiai. For example. 
Freundlich (1925) conducted experiments with glass. using il firsl 
as an electrode for determining the 2 potential and then as thin capil- 
laries for causing electroosmosis and calculating the zeta potential. 
The dependences of the e and & potentials on the concentration of po- 
tassium chloride and thorium nitrate obtained by Freundlich are 
presented in Fig. 10.1. It can be seen from the figure that e and ¢ 
vary with concentration according to different laws. The zeta poten- 
tial is found to vary with concentration not monotonically but. 
in contrast to e, passes through a minimum or maximum. The zela 
potential is usually smaller in absolute value than £ and tends to zero 
with increasing concentration. Whereas the sign of € remains unchan- 
ged over a wide range of concentrations, the sign of £ may be rever- 
sed. and the sooner, the higher the valency of the ions and the stron- 
ger their ability for selective adsorption. As a result of the reversal 
of the sign of € (so-called “recharging” of the surface) il may be either 
similar or opposite to the sign of the electrode potential for the same 
interface. Hence. the zeta potential differs in its nature from the 
electrode potential. On the basis of the properties of the zeta poten- 
tial one can conclude that it is a fraction of that part of the total 
potential difference which is completely within the liquid phase. 
It is because the zeta potential. unlike e. lies in one and the same 
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phase that the experimental determination of its absolute value is 
possible. The potential drop corresponding to & must be confined to 
the interface between the liquid layer immediately adjacent to the 


Eo, mV 
-160 


-420 |- 


+40 


+80 


Fig. 10.1. Variation of ? potential (curves J and 2) and e polential (curves 3 
and J with concentration of thorium nitrate (J and 4) and potassium chloride 
(2 and 3) 


solid surface (and bound with it during the relative motion of the 
liquid and solid phases) and deeper liquid layers away from the 
interface. 

In this connection. at given compositions of the solution and solid 
phase the value of & must be a function of the topography of the 
interface. The surface of a solid is never ideally smooth. there are 
always hills and valleys. The height of hills varies within wide limits 
depending on the nature of the solid surface. This height usually 
ranges from 100 A for exceptionally well-polished. to 20.000 A for 
visibly rough surfaces. In valleys, there appear stagnant zones where 
the laminar flow of the liquid is obstructed and part of its charges 
(which is the larger. the deeper the valley) is immobilized. and the 
zela potential is depressed accordingly. 

The fact that, in addition to the total potential difference, there 
also exists a zeta potential between a solid and a solution should be 
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taken into account in working out the theory of the electrical double 
layer. This theory must explain not only the occurrence of the ele- 
ctrokinetic potential but also the mode of its variation with the 
solution composition and, in particular, the recharging of the sur- 
face. 


10.2, ELECTROCAPILLARY PHENOMENA 


10.2.1. GENERAL DESCRIPTION 


When two phases are brought into contact, a boundary layer (or 
interphase region) is formed. It has an excess of free energy compared 
with each of the two contiguous phases. The excess energy referred 
to a unit surface area of the interface, i. e., the specific free energy. 
is called the surface tension o (or the interfacial tension 1); it has the 
dimensions of erg-cm^? or dyne-cm-!. The surface tension is often 
treated as a quantity characterizing the excess of the forces of mutual 
attraction over the repulsive forces. The excess surface energy depends 
on the potential difference between two phases. Electrocapillary 
phenomena reflect the relation between the surface tension and the 
interfacial potential difference. This relation is graphically expres- 
sed in the form of electrocapillary curves. Electrocapillary effects 
were first studied at the interface between mercury and aqueous ele- 
ctrolytic solutions by Lippmann (1875), who usco a capillary cle- 
clrometer of his own design for this purpose. liis Studies were con- 
tinued by Gouy (1910) and Frumkin (1949) and aiso by a number of 
other investigators (including Buller, Kruger. Graliame, Parsons). 

In electrocapillary measurements using a capiliary electromeler, 
a definite potential is applied to a mercury microelectrode in the 
capillary (in contact with the solution) and the height of the mercury 
column required to keep the meniscus in the capillary at the reference 
mark is measured. The potential across the mercury-solulion inter- 
face in the capillary is provided by imposing a specified. emf (for 
example, through a potentiomeler) on an electrochemical system 
in which one electrode is a capillary electrode and the other, the 
corresponding reference electrode of known potential. Since the refe- 
rence electrode is nonpolarizable, its potential remains unchanged. 
while the ideally polarizable capillary mercury electrode acquires 
à potential corresponding to the externally applied emf 2. As follows 


1 The two terms surface tension and interfacial tension are used interchange- 
ably here, though, strictly speaking, it is inlerphasial (determined by both 
phases) rather than surface teusion.— Fr. 

> A nonpolarizable electrode is an electrode for which the exchange of poten- 
lial-determining ions between the metal and solution proceeds unhindered 
(this is observed at high exchange-current densities). The polential of such an 
electrode remains practically unchanged under the effect of an external current 
as long as the applied current is small compared with the exchange current, The 
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from the theory of capillarity, the height of the mercury column abo- 
ve the mercury meniscus in the capillary is a measure of surface len- 
sion at the mercury-solution interface. The relation between these 
iwo quantities may be written in the following form 


2ar = ah (10.5) 
whence 
= T rgd (10.6) 


where r — capillary radius 
g = acceleralion due to gravity 
d = density of mercury. 

By measuring the height h at different values of the polential and. 
calculating the corresponding values of o from Eq. (10.6) one can 
plot an electrocapillary curve. The shape of electrocapillary curves 
for a number of dilute solutions (e.g. H;S0;. KOH, KNO;, NasS0,) 
is almost independent of the nature of the electrolyte and is almost 
a parabola. The maximum on the curve is observed at approximately 
the same value of potential within the range from —0.19 to —U.21 V 
on the hydrogen scale. The interfacial tension at the maximum also 
changes little in going from one of the indicated solutions to anolher 
and amounts to 420-430 ergs-cm~. For example, according to 
Gouv. at 18°C in a 0.01 N NaSO, solution and in pure water o = 
= 420.7 dynes-em^!. Electrocapillary curves traced for solutions of 
other electrolytes and also in the presence of most of the organic unio- 
nized substances are radically different in shape from a parabola. 
They are less symmetrical and their maxima are situated al other 
valves of e and o. 

Along with electrocapillary curves for electrolytes of the KNO; 
type. Fig. 10.2 shows curves for those cases when Br-, I-, S2. TI* 
or N(C3H,); ions. or molecules of amyl alcohol are present in the 
solution. The presence of bromide. iodide or sulphur iens shifts the 
electrocapillary maximum (eem) towards more negative values of 


(hypothetical) ideally polarizable electrode is one for which the ion exchange 
is completely or almost completely inhibited and the exchange current density 
is close to zero. For such an electrode, even a negligibly smal exlernal current 
will affect the potential. Under the conditions of electrocapillary measurements 
the mercury electrode behaves like the ideally polarizable electrode, though the 
exchange current densily between the metallic mercury and a solution of its 
salt is very great at equilibrium. This is altribulable to two causes: first. the 
region of potentials for which electrocapillary curves are plotted is displaced to 
the negative side from the equilibrium potential of the mercury electrode. 
and therefore the anodic process of transfer of mercury ions from the metal into 
solution is thermodynamically improbuble; second, electrocapillary curves arc 
traced for solutions practically devoid of mercury ions. Under these conditions 
the cathodic process of transfer of mercury ions from the solution lo the metal 
is also impossible. 
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potential and (especially in the region of potentials situated on the 
left of the maximum) lowers the surface tension. Al sufficiently 
negative potentials the effect of these anions disappears and the ele- 
clrocapillary curves merge together. The presence of thallium or 
tetrabutylammonium ions displaces the electrocapillary maximum 
to the side of more positive values and reduces the surface tension, 
this reduction being especially pronounced at potenlials more nega- 
tive than the potential of the electrocapillary maximum. The effect 
of these cations disappears as soon as sufficiently positive potentials 


Te Amyi 


2 alconut 


vlc. I,): 


=E 
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Fig. 10.2. Electrocapillary curves for solutions containing suríace-active anions 
(a), cations (b), and molecular substances (e) 


are attained. The presence of amyl alcohol causes a change in the 
shape of the electrocapillary curve mainly in the region of potentials 
adjacent to the ecm potential. With increasing distance on either side 
of the potential of the electrocapillary maximum the effect. of addition 
of amyl alcohol diminishes and the curve traced in the presence of 
amyl alcohol coincides with the curve for a pure solution. Ionic or 
molecular compounds exerting such an effect are called specifically 
adsorbed or capillary-active ions or molecules D. 

The electrocapillary properties of the mercury-solution interface 
may be explained by assuming that at a potential e, and in the absen- 
ce of an external emf mercury is positively charged with respect to 
the solution (Fig. 10.3a). The excess positive charge of mercury is 
most probably associated with the mercury ions residing at ils surfa- 
ce (on the metal side). The system as a whole as well as ils interphase 
must obey the law of electroneutrality. There will therefore be an 
excess of negative ions on the solution side al the interface, which 
will compensate for the positive mercury ions on the metal. 'The pres- 
ence of like-charged (positive) mercury ions on the metal surface 


1 Recent data indicate that at tho} mercury-solution interface all anions. 
except the fluoride ion F-, are capillary-active. The capillary activity of NO; 


and SOj- and some other anions however is very low and may be ignored in most 
cases, 
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inevitably gives rise to repulsive forces, and the surface tension at 
the mercury-solution interface cannot be high; in Fig. 10.3 it is de- 
noted by o,. 

When an external emf is applied. the potential of the mercury is 
shifted (as a result of its cathodic polarization) to the side of more 
negative values, say, to the value e» (Fig. 10.35). Part of the mercury 
ions is neutralized by electrons and the charge on the mercury dimi- 
nishes accordingly, but it still remains positive. The repulsive for- 
ces bel ween the surface mercury ions will become smaller and hence 


Fig. i. 3. Variation of the surface charge of mercury during transition from 
tie ascending to the descending branch of the electrocapillary curve 


the interfacial tension will increase, say. to the value oz. The number 
of negalive ions attracted to the mercury surface from the solution 
side will simultaneously be reduced. At a definite value of the poten- 
tial € = egeo the positive charges of all the mercury ions will be 
compensated for by electrons and the charge on the mercury sur- 
face will become equal to zero; at the same lime (if there are no ca- 
pillary-active particles in the solution) the charge of the solution will 
also become zero (Fig. 10.3c). The repulsive forces associated with 
the presence of like-charged particles on the mercury surface will 
disappear as soon as these particles are neutralized. and the inter- 
facial tension will assume a certain value Om- Upon further shift 
of the mercury potential to the negative side (to the value ea) an 
excess of electrons will appear on the mercury surface; they wilh att- 
rac! positively charged ions from the solution side. Repulsive forces 
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will again appear between like-charged (this time, negativo) particles, 
and the interfacial tension will fall down to a certain value (03). 
With increasing negative value of potential the excess negative char- 
ge of the mercury increases and the interfacial tension diminishes. 
The ascending branch of the electrocapillary curve thus pertains to 
the positively charged mercury surface. The magnitude of the positi- 
ve charge gradually decreases as the potential shifts to the negalive 
side, while the interfacial tension increases accordingly. At the 
maximum of the electrocapillary curve the charge on the mercury 
surface is zero, whereas the interfacial tension attains the highest 
value. The descending branch of the curve corresponds to the nega- 
tively charged mercury surface. With increasing distance from the ecm 
the absolute magnitude of the charge increases and the interfacial 
tension is lowered. Thus, the concept of the variation of the charge 
on the mercury with the potential of the mercury electrode permits 
a qualitative explanation of the course of the electrocapillary curve 
for solutions containing no capillary-active particles. 

If one starts from the assumption that the adsorption of ions on 
mercury depends exclusively on electrostatic forces. all the anions 
should be expected to affect only the ascending (positive) branch 
where the mercury surface is charged positively. Conversely, tlie 
effect of cations should be confined to the descending. (negative) 
branch. where they are electrostatically attracted to ihe negatively 
charged mercury surface. In fact, as was observed ky Gouy, many 
anions change the path of the electrocapillary curve on the right of 
the maximum and some cations affect not only the «cscending but 
also the ascending branch. This behaviour of ions canot be ascribed 
to the action of coulombic forces alone. It is associate with inter- 
action forces other than simple electrostatic forces. Such forces. which 
are specific to particles of a given species. may be. for example. van 
der Waals forces or chemical (valence) forces. Because of these 
forces ions are capable of sticking on the like-charged mercury sur- 
face and affecting the electrocapillary properties of the metal-solu- 
tion interface. Similarly the influence of unionized organic substan- 
ces on the course of electrocapillary curves cannot be explained on the 
basis of electrostatic concepts alone. The point is that most organic 
substances possess a lower dielectric constant than waler and should 
therefore be expelled by it from the double layer even at small char- 
ges, just as a dielectric material with a lower dielectric constant 
is expelled from a charged capacitor by a dielectric with a higher 
constant. In this case the effect of organic substances would be expe- 
cled to manifest itself only within a narrow region of potentials 
adjacent to the electrocapillary maximum. Actually. a change in the 
shape of the electrocapillary curve due to organic substances is obser- 
ved even at potentials distant 0.5-0.8 V from the ecm potential on 
either side. i. e., some specific forces must be operating here. The 
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term "specifically adsorbed particles" introduced earlier thus implies 
that the behaviour of such particles at the mercury-solulion inter- 
face cannot be altributed only to forces of electrostatic origin. 


10.2.2. THE FOUNDATIONS OF THE THEORY 
OF ELECTROCAPILLARY PHENOMENA 


An equation which describes well the shape of electrocapillary 
curves and establishes the relation between interfacial tension. poten- 
tial and charge al the mercury-solution interface was derived by 
Lippmann: 


UR (10.7) 


This equation. known as Lippmann's first equation. defines the slope 
al each point of the electrocapillary curve, taken with opposite sign. 
as a quantity equal to the specific charge qug on the mercury surface 
al a given value of potential e 9. In accord with the qualitative pic- 
ture of electrocapillary phenomena. it follows from Eq. (10.7) that 
on the ascending branch of the curve gug > O (de is always smaller 
than d: on the ascending branch do > 0. whence dojde <0 or 
—daide > 0), at the maximum gug = 0 (since do/de = 0). and on 
the descending branch qug < 0 (—do/de < 0). Using Lippmann's 
first equation, one can calculate the charge at any value of potential 
from experimental electrocapillary curves and construct graphs of the 
charge on the mercury surface versus potential. Since the charge is 
dlirect!y measurable. il is possible to check the validity of the Lipp- 
mann equation. To do this. one has to compare calculated and obser- 
ved values of the charge. This checking was done by Frumkin. The 
results obtained by him show that the Lippmann equation is quanti- 
tatively applicable to electrocapillary curves. 

Since Eq. (10.7) yields the magnitude of the charge irrespective of 
its origin. it can be applied to electrocapillary curves obtained for 
any solutions, including those containing capillary-active substan- 
ces. At one and the same potential. say. at g, (in Fig. 10.2a it is rep- 
resented by a vertical line). both the magnitude and the sign of the 
charge may be different. depending on the nature of the particles 
‘in solution. It is negative in a KNO; solution. equal to zero in a so- 
lution of KBr. and positive in KI and K.S solutions. Thus, analysis 
of electrocapillary curves as well as the data obtained from studies 
of electrokinetic phenomena points to the possibility of recharging 


D According to the law of electroneutrality the chars e on the metal surface 
must be equal in magnitude but opposite in sign to the charge of the solution 
at the interface. i. e., qw = 91. Hence, Eq. (10.7) permits also determination 
ore magnitude of the charge for that part of the double layer which is in the 
solution. 
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of a metal surface in the presence of capillary-active substances with 
the total potential diference across the metal-solution interface rema- 
ining unaltered. 

It is known that the derivative of the charge with respect to the 
potential is the differential capacity Cy. i.e.. a quantity characteri- 
zing the variation of charge with potential: 


d 
4 Ca (10.8) 


The value of the differential capacity can also be found with the 
aid of electrocapillary curves. Indeed. from Eqs. (10.7) and (40.8) it 
follows that 


do dq 
AE (10.9) 


This expression is known as Lippmann's second equation. 
Equation (10.8) may be represented in the form: 


dq = C, de (10.10) 


Since at the electrocapillary maximum q = 0 and e = Beem? 
it follows that after integration of Eq. (10.10) 


£ 

| dq— f Cade (10.11) 

0 Leem 
one obtains 

q = C (E — ccm) (10.12) 
or 

i q 5 
c=- (10.13) 


where C is the integral capacity at the potential e. Figure 10.4 
shows an electrocapillary curve and the corresponding metal charge- 
potential and differential capacity-potential curves calculated from 
Eqs. (10.7) and (10.9). The curves in Fig. 10.4 are typical of solutions 
of capillary-inactive electrolytes. In this case. in the range of poten- 
lials corresponding to the ascending branch of the curve. the capacily 
changes comparatively little after the first abrupt fall and varies 
from 20 to 40 h/ ems. On approaching the electrocapillary maximum 
the capacity decreases. passes through a minimum (which is the 
more pronounced. the lower the concentration of the electrolyte) 
and then. after a certain rise. remains almost constant (about 
20 pF/cm?) over a wide range of potentials on the descending branch of 
the curve. The addition of capillary-active substances affects not only 
the electrocapillary curve but also the curves showing the variation 
of charge and capacity with potential. For instance. in the presence. 
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of organic substances the differential capacily-poltential curve has an 
indistinct minimum lying at lower values of capacity than in the 
case of solutions of capillary-inactive electrolytes. A sharply defined 
maximum is observed on capacily-potential curves at a polential at 


6. 9.0 


73 ui 


. Fig. 10.4. Typical curves: 

interfacial tension (o) vs. potential (e); surface charge (g) vs. potential (e); 

and double-layer capacity (C) vs. potential (e) for the interface between mer- 
cury and a solution of a capillary-inactive electrolyte 


which the electrocapillary curves obtained with and without an 
organic substance merge into a single curve (the desorption potential). 

The interfacial tension is a function of the solution composition. 
This functional dependence was expressed mathematically by Gibbs 
on the basis of the termodynamics of the surface layer formed at the 
phase boundary and, as mentioned before. is often called the inter- 
phase region or simply interphase. The Gibbs free energy, for an 


interphase is given by 


dG = V dP — Sd? — LA, du, 
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where V = volume 
$ — entropy of the interphase 
MN, = number of particles of a species i in the interphase. 
If the surface area of the interface is Q2;,,, then the free energy 
referred to a unit surface area will be equal to 


GeV» 0$ cds. 
Qin Qint a; Rint gr Qint EN, dy, 
or 
do = ling dP — Sin dT — EV, dh, (10.14) 


where line = thickness of the interphase 
int = entropy referred to a unit surface area of the interface 
T, = surface concentration of the ith component. 
If the inlerphase is in a volume-mechanical and thermal equilibri- 
um. then dP = O and dT = 0. and Eq. (10.14) simplifies to 


do = —ET, du, (10.15) 


which corresponds to the Gibbs adsorption formula. 

Summation in Eq. (10.15) must be carried out over all the compo- 
nents (both ionic and molecular) forming the interphase region on 
both sides of the phase boundary D. Since a number of limitations are 
imposed on the system (the law of electroneutra'ily. equilibrium 
between dissociated and initial molecules. elc.). the actual number 
of variables will be less than the total number of ec«mponents. The 
conditions for the application of Eq. (10.15) to cicc!7ecapillary phe- 
nomena were worked out in detail by Grahame (1:412) and Parsons 
(1953). 

The Lippmann equation can be derived from the Gibbs adsorption 
formula and the Nernst formula for electrode potential by making 
cerlain assumplions. If the charge on mercury is assumed lo be de- 
termined by the surface concentration of mercury ions ly: ? and the 
term corresponding to these ions is extracled from the sum on the 
right-hand side of Eq. (10.15), then 


do = — Tug : digg = Zr; du, (10.16) 
“Taking into account that 


Lug F —q 
Eq. (10.16) may be rewritten in the form 
do — —- dung - ZT. di, (10.17) 


D For charged particles the electrochemical potential peen should be used 
instead. of the chemical potential p. 

? The surface charge is determined by the difference in the surface concen- 
trat ions of mercury ions and electrons. i. e., by the quantity Thug- — T.) F, and 


‘therefore Py;,. is here the surface excess of mercury ions. 
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Bige = pies N In agg. 


and the potential of the mercury electrode 


- . RT 
Ener Mg Ile He i07 Re In aig 


the following relation must be satisfied: 
dung = F dens · 113 (10.18) 
Substituting the value of dung: from Eq. (10.18) into Eq. (10.17) 


gives 


do = — q de — XT; dp; (10.19) 
If the composition of the solution remains constant, then by the 
Gibbs-Duhem equation (1.45) 
ET, du; = 0 
and Eq. (10.19) simplifies to 
da = —qde (10.20) 


which coincides with Lippmann's first equation. 
Tie use of Eq. (10.15) can be demonstrated on the following cell 


M'/Ag, AgCI/KCI, H;0/Hg/M (10.21) 


The quantity do in Eq. (10.15) will be determined by all the com po- 
nenis (both charged and neutral) responsible for the attainment of 
an equilibrium between mercury and solution, i.e.. 


Hg+ 2 15 k+ , 
— do = Tug: dpech are) + Tedlicen cge) T Px+dpeecn qo) 4 


+ T'a-dpca i) + Tuo dui? (10.22) 

The charge on the mercury surface with respec! to the solulion is given 
by the equation 

q = F (Tug — T) (10.23) 


IL is equal in magnitude and opposite in sign to the charge of the 
solution with respect to mercury 


—Q = F (T+ mE Ta-) (10.24) 
The equilibrium inside the mercury is given by the equation 
ulis = Hek (He) T Heeh ano (10.25) 


and that between the mercury and conductor M. by the equation 


Heeh (Hg) = Been OD (10.26) 
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Inside the solution there exists an equilibrium between KCl and the 
K“ and Cl- ions: 
KCl = K + Cl- 
and i : 
uke = uaa + h qo (10.27) 
Besides, the Cl- ions are in equilibrium with AgCl 
Ag + Cl- = AgCl + ex, 
and 
nag a Wen (L) = ye + ula (a) 
or 
dut" = dus, = duse (10.28) 


since duAg = 0 and dake} = 0 and the silver is in contact with 
metal M'. 


Combining Eq. (10.22) with Eqs. (10.23) through (10.28). one gets 
—do= + duy mE duoc Tue · dip + 
+ Pre dpKC ＋ To duo (10.29) 
Since the right-hand electrode is pure mercury. ullz must be a con- 
stant quantity, i.e., dune = 0, and hence 
Tug duis = 0 (10.30) 


Further, the difference between the differentials of the clectrochemi- 
cal potentials of the electrons in two phases M and M' having the 
same chemical composition can be represented. using Eq. (9.20), 
in the following form 


deen an — denor = Fd (g. — gx) = F de. (10.31) 


where the minus subscript for e signifies that the reference electrode 
is reversible with respect to the electrolyte anions (in our case to 
chloride ions). 


Taking account of Eqs. (10.30) and (10.31). one can write. in 
place of Eq. (10.29), 


do = de. + Tye dul. + Tio du]? (10.32) 
According to the Gibbs-Duhem equation 
Trci dici + Zuo dino = 0 


where z is the corresponding mole fraction. Consequently, 


do q de. (Ps. — 5 Tmo) duet (10.33) 


zi 
TH 
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The expression in parentheses yields the surface excess of potassium 
ions relative to water; denoling it by Ty-uio» or simply " by Ty. 
we have : 

— do = q de, + Ty. du^ (10.34) 


If in the cell (10.21) the silver-silver chloride electrode is replaced 
with an amalgam electrode reversible with respect lo potassium ions. 
one can. by reasoning as before. obtain !he following equation. 
in place of Eq. (10.34). 

—do = q des + l'a-duE (10.35) 


where the plus sign for e indicates the reversibility of the reference 
electrode with respect to cations. Generalizing Eqs. (10.34) and 
(10.35). one can wrile 


—do = q de, + ladu (10.36) 

From Eq. (10.36) it follows that 
0 1 70 - 
= (seeker (ame ln: Teg l (10.37) 


For solutions containing nol one but several electrolytes dissolved 
in mixed solvents (e.g. in a water-alcohol mixture) the surface excess 
of a component will be given by the expression 


0 ` 
faea qnas 
where the subscript p’ signifies that the electrochemical or chemical 
potentials of all the components, except the ith component. remain 
unalicred. Thus, electrocapillary measurements permit one to deter- 
mine the surface excess of the components of the solution. 

It is obvious that from Eq. (10.36) one can obtain the Lippmann 
equation provided that is constant. 

Of considerable interest is the effect of capillary-active organic 
substances on the structure of the double layer and on the shape 
of electrocapillary curves. This question was first examined by 
Frumkin in 1926. The essence of Frumkin's theory is as follows. 

The adsorption of organic molecules onlo an electrode may be 
regarded as the replacement in the double layer of the water, which 
possesses a high dielectric constant Do. by an organic substance with 
a lower dielectric constant D,. If this replacement occurs at a poten- 
tial & different from the potential of the electrocapillary maximum 
een. then the charging of the plates of a double-layer capacitor will 
change by an amount (Co — Ci) (e — een) or (Co — C19 (if 
e — Eem is designated as ꝙ), where Co and C, are the specific capaci- 
ties of the double layer in the initial aqueous solution of an electrolyte 
and in the same electrolyte containing an organic substance added 


1) Some authors, for example, Grahame, assumed that Tuo = 0. 
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in à concentration ensuring its adsorplive saluration. Since usually 
D, > D, and the size of organic molecules is larger than thal of 
water molecules. then. as follows from the theory of the parallel- 
plate capacitor, Co > Ci, and the replacement of water by an organic 
substance calls for removal of the charge (Co — Ci) ꝙ from the capa- 
cilor plates; this requires an energy (Co — Ci) p'. At the same time 
the free energy of the capacitor decreases by an amount 0.5 (Co — 
— Ci) q?. As can be easily seen, the total energy needed to replace 
a dielectric in a capacitor al a constant plate potential is given by 


(Co C) — 2 (C—C) qe + (Co CYA 


If we denole by Co the gain in energy upon transition of one mole 
of an organic substance from the bulk of the solution to the uncharged 
electrode surface (at ecem), then at a potential & this energy gain 
will be 


1 7 8 y " 
Ue J- 2 (C- C) qo, 


where Q, is the surface area of the interface per one mole of the organic 
substance under conditions of adsorptive saturation. 1f the organic 
molecules possess a dipole moment. a potential difference eg will 
arise on their adsorption, which will be numerically equal to the 
shift in the potential of the electrocapillary maximum caused by 
addition of an organie substance in a concentration required for 
adsorplive saturation 
Ea = Éccm — F cem? 

With account taken of this effect, one should write iu place of the 
previous equation: 


U. U - (C- O Cun dcos (10.39) 


From Eq. (10.39) it follows that an organic substance whose adsor- 
plion brings about a decrease in the double-layer capacity must be 
adsorbed most strongly on the electrode surface near the eem poten- 
tial. while its desorption from the electrode surface should be expe- 
ected at higher values of ꝙ when Us becomes negative. This conclusion 
is confirmed by a large number of experimental dala. 

In its physical meaning Eq. (10.39) is equivalent to a model in 
which the electric double layer in the presence of adsorbed organic 
molecules is represented in the form of two parallel-connected capaci- 
tors, the space between the plates of one of them containing water 
molecules and that between the plates of the other being filled with 
organic molecules. [n other words, the charge on the electrode q is 
additively composed of the charges of the two capacilors, qo and qi: 


q = qo (1 — 0) + 4,8 = Cop (1 — 0) + C, (p — ea) 09 (10.40) 
where 0 is the surface coverage hy the organic substance. This model 
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consisting of two parallel-plate capacitors is one of the starting points 
in Frumkin's theory. Another one is associated with the choice of 


the adsorption isotherm. 
To start with, Frumkin assumes that the adsorption of an organic 


substance obeys Langmuir's equation 
Ü 
— 6.4 
Be 7-3 (10.44) 
c = volume concentration of the organic substance 
B — adsorption equilibrium constant, whose dependence on 
the potential may he written. according lo Eq. (10.39) 
and the Boltzmann distribution law. in the following 
form 


where 


SEE 
1 5 (Co- C Cie . 
B:=kesp {RF 7 Bo exp . ff (40.42) 


where [, is the limiting adsorption corresponding to c — oe und 
equal to 12. From Eq. (10.41) and the basic equation of electro- 
capillarity 
do = —q dọ — RIT dine = e dẹ — RTV.0d nc — (10.43) 
it follows that the decrease of the interfacial tension due to adsor- 
ption of an organic substance at a given & (p = const) is equal to 
Ac — — RTT. In (1 — 0) (10.44) 
Frumkin introduced into Eq. (10.44) an additional term RTT. aU?, 
which takes into account the attractive interaction belween the 
adsorbed organic molecules 
Ao = —RITolln (1 — 6) + 287) (10.45) 
where a is the attractive interaction constant. The combined solu- 
tion of Eqs. (10.43) and (10.45) after elimination of € yields à new 
isotherm 


jay exp (— 220) (10.46) 
which is now known as the Frumkin isotherm. The dependence of B 
on the electrode potential in this isotherm is given, us before. by 
Eq. (10.42). 

The system of equations (10.40) lo (10.46) permits calculation of 
electrocapillary curves in the presence of different concentrations 
of an organic substance. First. the dependence of B on @ is determi- 
ned from Eq. (10.42); then the relation between 8 and ꝙ is found 
from Eq. (10.46) for a given concentration of an organic substance 
and, finally, the dependence of A0 on ꝙ from Eq. (10.45). A compari- 
son made by Frumkin of electrocapillary curves calculated in this 


Bc = 
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way and obtained experimentally in a 1 NaCl solution on addition 
of different amounts of tertiary amyl alcohol has shown their quali- 
tative agreement. 

In recent years Damaskin has developed, on the basis of Frumkin's 
conceplions, a quantitative theory of dillerential capacity curves 
in the presence of an organic substance. The key equation for the 
double-layer capacity at a constant concentration of an organic sub- 
Stance can be deduced by differentiating Eq. (10.40) with respect to 
the potential: 

C-6,0—9)E60—16 +, = (Im), (10.47) 
Taking logarithm of Eq. (10.46) and differentiating it with respect 
to the potential at c = const. one obtains: 


(2) _ôlnB — 9(1—0) 
¢ 


ee eee tay ( nt a 10.4 
ap Je ap ^ 74—3a0(1 —j (10.48) 
Al the same time, according to Eq. (10.42), 
91nB Cop CE- 
ag m (10.49) 


Substituting Eqs. (10.48) and (10.49) into Eq. (10.47) yields the final 
equation 


-+C —«)r 8(1--U z 
C=C (1—0) + 6,0 e . 50 (10.50) 
The third term on the right-hand side of Eq. (10.50) describes the 
characteristic maxima (peaks) on the differential capacity curves 
in the presence of an organic substance: these curves reflect adsor pli- 
on-desorplion processes. The third term may be neglected near the 
zero-charge potential, where (1 — 0) and 9 dilfer little from zero; 
under these conditions the double-layer capacity will be determined 
from the formula for two parallel-plate capacitors: 
C = Co (1 — 6) + C,0 (10.51) 
Since the differential capacity curves are more sensitive to changes 
in the structure of the electric double layer than electrocapillary 
curves, a comparison of data calculated from Eq. (10.50) with those 
obtained experimentally has revealed additional regularities in the 
adsorption of organic substances on electrodes. For one thing, it has 
been found that the attraction constant a entering into the Frumkin 
isotherm (10.46) varies linearly with electrode potential. As shown 
by Damaskin, this regularity is attributable to the discreteness of 
the adsorbed dipoles of an organic substance. 
A drawback of the theory discussed is that in quantitative calcu- 
lations one has to borrow the basic quantities for equations from 
data of electrocapillary and capacity measurements. Numerous 
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attempts have therefore been made to refine the existing theory or to 
create a new theory of the double layer in the presence of organic 
substances. 

In 1928 Butler, laking into account the electrical properties of 
adsorbed particles, deduced the following expression in place of 
Eq. (10.39): 


U -U,— [ 4 (a! — amo) ^1 (P'— H eye | (10.52) 


where & and @y,0 = polarizabilities of unit volumes of organic 
substances and water. respectively 
P’ and Pg,o — permanent dipole moments of unit volumes 
of organic substances and water, respec- 
lively 
= elementary volume of a dielectric which is 
transferred from a point of zero field strength 
to a point of field strength (p = yq). 
Equation (10.52) contains fewer quantities borrowed from electro- 
capillary measurements than Eq. (10.39) and therefore permits cal- 
culations on the basis of the polarizability and dipole moments of 
organic substances. Like Eq. (10.39), the Butler equation is in quali- 
tative agreement with experiment and accounts for the decrease 
in the adsorbability of organic substances with the decreasing dis- 
lance from the electrocapillary maximum. The Butler theory however 
shoul: be regarded as one of the versions of Frumkin's theory since 
their basic premises do not differ substantially. 

Other theories of the adsorption of organic substances on electrodes 
differ from the Frumkin theory either in the form of the equation 
of state relating interfacial tension to surface excess or in the type 
of the adsorption isotherm describing the dependence of the surface 
concentration of an organic substance on its bulk concentration. 
A further difference consists in that the parameter chosen in the Frum- 
kin-Damaskin theory to characterize the electrical state of an ele- 
¢lrode is the potential. According to Parsons, Devanathan and other 
workers, it must be the surface charge rather than the potential. 

Bockris. Blomgren and Conway make use of a modified Langmuir 
isotherm in which the free energy of adsorption is a decreasing fun- 
ction of the surface excess raised to a power different from unity in 
contrast to the Frumkin theory, where it is raised to the first power. 

Bockris, Devanathan and Muller take into account the competi- 
tion between the molecules of water and an organic substance for 
a site in the double layer and emphasize the role of the charge-depen- 
dent orientation of water dipoles at the interface. 

The Frumkin-Damaskin theory is best applicable to the adsorption 
of saturated aliphatic molecular compounds with one functional 
group, which are adsorbed on the electrode in one definite position 
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The Bockris theory provides the best agreement with experiment 
in the case of adsorption of organic cations. 

It should be noted that the accuracy of present-day experimental 
data on the adsorption of organic substances. especially on solid 
electrodes, is not yet high enough for drawing unambiguous conclu- 
sions as to which theory and, more specifically. which adsorption 
isotherm describes most effectively the behaviour of organic substan- 
ces in the electrode-solution system. Only in some cases can this be 
asserted with a sufficient degree of certainty. It is evidently necessary 
to reckon with the fact that the adsorption of aromatic compounds 
with one functional group or of organic substances with two ele- 
ctrically opposite functional groups occurs differently on positively 
and negatively charged electrode surfaces. as has been particularly 
stressed by Antropov and coworkers. The change in the mode of 
oriented adsorption calls for refining the isotherm equation in order 
to provide better agreement with experiment. 

The theory of the double layer in which all the specific features 
of the adsorption of organic substances on electrodes are taken inlo 
account is still of a semi-quantitative nature; its further development 
presupposes the improvement of experimental techniques and the 
availability of more accurate experimental data. 


10.3. THE NULL POINTS OF METALS 


10.3.1. THE DEFINITION OF TIHE Co XCEPTS 
"THE POTENTIAL OF AN UNCHARGEL SURFACE” 
AND “THE NULL POINT OF A METAL"; THi CORRELATIVE 
(“REDUCED”) AND *RATIONAL" SCALES or POTENTIALS 


It follows from the Lippmann equation that at the maximum of the 
electrocapillary curve the charge on the metal surface will be zero v. 
On this basis Ostwald supposed that al the electrocapillary maximum 
for mercury not only the charge on the metal is equal to zero. but 
the electrode potential as well. For this reason it is precisely this 
electrode potential that should be chosen as a basis for the scale of 
potentials. This scale is called the absolute or Ostwald scale of poten- 
tials. Since the potential of the electrocapillary maximum for mercury 
in solutions of capillary-active substances is about —0.20 V on the 
hydrogen scale, it follows, according to Ostwald. that in order to 
obtain the absolute potential of an electrode one should subtract 
—0.20 V from the value of ils electrode potential on the hydrogen 
scale (see Table 7.2). The potentials obtained in this way cannot howe- 
ver be considered absolute in the light of present-day conceptions. 
The potential difference across the electrode-electrolyle interface is 


P The electrocapillary maximum is therefore also called the point oj re 
charge. — Tr. 
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not equivalent to the electrode potential but constitutes only a cer- 
Lain part of it. ‘Therefore, if Lhis potential difference is assumed to be 
equal lo zero, one must also take into account the contact potential 
difference between plalinum and another metal (in this particular 
case, mercury). which is different from zero. Besides. as follows from 
Eq. (9.23), apart from the term due to ion exchange (which is equal 
Lo zero at the electrocapillary maximum). the metal-solution poten- 
lial difference also includes the term due to orientation of solvent 
dipoles. ‘There are no grounds to think that this potential difference 
is zero at the electrocapillary maximum. If Ostwald were right, the 
clectrocapillary maximum would always be at one and the same 
value of electrode potential irrespective of the solution composition 
and the nature of the metal. This assumption is not confirmed by 
experiment. Thus. Gouy found that the potential of the electrocapil- 
lary maximum of mercury varies wilhin wide limits depending on the 
composition of the solution. Other authors. for instance, Luggin 
(1895). established that the position of the electrocapillary maximum 
is dilferent if low-melting alloys or liquid amalgams (e. g. lead amal- 
gam) are used instead of mercury. This phenomenon has been studied 
most thoroughly by Frumkin and his collaborators. According to 
their data, the eem potential of gallium is about —0.6 V and that 
of saturated thallium amalgam about —0.65 V on the hydrogen scale. 
Folinwing Ostwald. one could take any one of these values. just as the 
val. —0.20 V obtained for mercury. as the “absolute” zero of ele- 
cr potential and have three radically different "absolute" poten- 
lial scales. Thus. it has been shown that the potentials of clectroca- 
pillary maxima cannot be used to devise an absolute scale of poten- 
tials. But at the same lime these potentials. which Frumkin named 
the null points of metals or the potentials of zero charge (pzc) are 
of fundamental importance in electrochemistry. On their basis Frum- 
kin suggested a correct solution of the so-called Volta problem, i. e., 
the buildup of the emf of electrochemical systems and its relation 
with the contact potential difference between metals. 

The terms widely used at present as synonyms for the null point 
and the potential of the electrocapillary maximum are the potential 
of zero charge and the potential of an uncharged surface, which intro- 
duces confusion in the electrochemical literature. In order to avoid 
misunderstanding, Antropov suggested thal a distinction. should 
be made between the null point and the potential of an uncharged 
surface. and each be given a symbol of its own and used according 
to its meaning; the two terms may be combined into a single general 
concept. the potential of zero charge. The reason behind this is as fol- 
lows. The potential of the electrocapillary maximum of mercury 
(or any other melal) always corresponds to ils uncharged surface: 
this value of potential could be called the uncharged-surface poten- 
tial (usp) and denoted by gg- o. The position of the electrocapillar; 
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maximum and the value of the corresponding potential for a given 
metal and solvent vary widely depending on the nature and con- 
centration of the substances present in the solution. At the same 
time the partial value of the potential of an uncharged surface obtai- 
ned for a solution containing no capillary-active particles (except 
solvent molecules) is a constant characteristic of the given metal 
and solvent; this partial value of the potential of an uncharged sur- 
face should be called the null point and given the symbol ey. The 
null point and the potential of an uncharged surface are interrelated 
in approximately the same manner as the equilibrium and standard 
potentials of an electrode. The standard potential is known to be 
a special case of the equilibrium electrode potential e, for a solution 
with unit activities of all the participants of the electrode reaction. 
In both cases the composition of the solution must be specified so as 
to obtain a value which would be a characteristic constant for 
dicular electrode system. 

Suppose we have a cell consisting of a metal immersed in a solution 
of its ions and a standard hydrogen electrode. The cell emf equal 
to the electrode potential ei of metal M on the arhitrary hydrogen 
scale may be written, according to Eq. (9.13). in the form 


a par- 


ELM = ELM T Sure > EpL (10.53) 


The Galvani potential across the solution-metal interface may be 
represented, according to Eq. (9.23). as the sum of four terms 


ELM = SLM T STN + S LD E ELin, (10.54) 


where the subscripts q, S, dip, and dip; refer, respectively, to the 
potential-determining ions. specifically adsorbed ions. the dipoles 
of the solvent and the dipoles of any unionized organic substance. If 
Suma) = O, the metal surface has no charge and the electrode poten- 
tial will correspond to the zero-charge potential 


eum = rms» + SLM T SuM(dip,) + gurt + gir = 

= Lw£g-o — (£0.55) 
In accordance with what has been said above. the usp potential of 
a metal depends on the nature of this metal, the reference electrode 
used, the solvent nature and the solution composition. For the sele- 
ected metal and solvent the value of LMEq=0 May be different depen- 
ding on qrys, (i. e., the nature and concentration of capillary-active 
ions) and QLM(Ip,) (i.e., the nature and concentration of capillary- 
active dipolar molecules). If, however, not only gru is equal to 


D [n fact, the quantity SLu(dipp includes the potential differences due to 


two dipole layers, one of which is on the solution side and the other, in the sur- 
face layer of the metal. 
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zero, bul gras) and Gumcaip,) 85 well, i.e., if there are no capillary- 
active particles in the solution, except the molecules of solvent L. 
then the following equation should be written in place of Eq. (10.55) 


eln = Le- = wÉLM(uipp + Empe + Sep = Lats (10.56) 
It can be seen from Ed. (10.56) that this partial value of the usp 
(i. e., the null point pae y) must be a constant because it js equal to 
the sum of three constant quantities. 
The null point may also be expressed in terms of the corresponding 
Volta potentials 
Laie x = LIT + pus T pt! (10.57) 


Here the metal-solution Volta potential must he a strictly definite 
quantity (ypu) corresponding to the difference of external poten- 
tials between metal M and the solution, in which the potential of 
the metal is equal to its null point. 

‘The thus determined null point has been chosen as the zero for the 
correlative (also known as reduced) or ꝙ scale of potentials proposed by 
Antropov (1946-51). The ꝙ potential in the correlative scale is defined 
as the difference between the potential of an electrode under given 
conditions and its null point: 


Qi fr Eey (10.58) 


The two terms on the right-hand side of Eq. (10.58) must naturally 
be expressed on the same scale (e.g. on the hydrogen scale); the value 
of the ꝙ potential is independent of the chosen arbitrary or relative 
scale. 

Since the values of ex are different for different metals (see Tables 
10.3 and 10.4), each metal will have its own correlative scale based 
on its null point. The correlative or q scale of potentials is thus diffe- 
rent from any arbitrary and the absolute scale of potentials. This 
dislinction is clearly seen in comparing the values of standard ele- 
trode potentials of some metals on the hydrogen, absolute and 
reduced scales (Table 10.2). 

It can be seen from Table 10.2 that in the hydrogen and absolute 
scales the arrangement of the metals in order of increasing positive 
value of standard electrode potential and the differences between any 
two electrode potentials remain the same. In the correlative scale of 
potentials the order of arrangement of metals and the differences 
in the values of their standard electrode potentials are quite diſſe- 
rent since the physical meaning of the potential in any arbitrary 
(and in the absolute) scale and in the correlative scale is radically 
different. While the potentials expressed on the arbitrary scale are 
referred to a single definite electrode, whose potential is taken as 
zero, the potential of each electrode in the correlative scale is reckoned 
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TABLE 10.2 


Standard Potentials of Some Metals in Different Seales, V 
eo ̃ĩͤ — —Lĩ 


Electrode Hydrogen Absolute scale Correlatlve scale 
Zn**/Zn -0.76 | —0.76—(—0.20). — 0.56 —u.76- (0.63) = —0.13 
Fe?*/Fe —U.44 | —0.44—(—0.30).: —0.24| —0.44—(--0.0) 0.44" 
Cd**;Cd —0.40 | —U.40—(—0.20).- —0.20| —0.40—(.-0.7). 0.3 
TI*/TI —-0.34 | —0.34—(—0.20).- —0.14] 0.34 (0.8) 0.46 
Hgit/Hg | --0.80 0.80 — (0.20) f 1.00  0.80—(—0.20). = 1.00 
Ag */ Ag 0.80 0.80 — (0. 20 — 1.00] 0.80 (0.4) 1.20 


* The null point of Iron is taken to be not —0.35 V (see Table 9.3) but a more 
probable value equal to zcro. 
The null point of silver Is taken to be not the tabulated value —0 76 V but a 
more probable valuc equal to —0.4 V. 


from its own zero, which is the null point of this electrode metal. 
It will therefore be wrong to use the scale of potentials for solving 
problems associated with the thermodynamics of electrochemical 
Systems or with electrode equilibrium and to use it instead of the 
hydrogen scale or the e scale of potentials. The correlative scale does 
not enable, for example, determination of the direction of a reaction 
and the emf of an equilibrium electrochemical system with two ele- 
ctrodes of known ꝙ potential. This task is easily handled with the 
aid of the e scale. The potential on the e scale however yields no 
information about the charge of the metal surface, the double-layer 
structure, or the most probable electrical nature of thase particles 
which are preferentially adsorbed on the electrode suriace under 
given conditions. These (and other) data are especiail; important 
for understanding nonequilibrium electrode processes and can be 
obtained by using the @ scale of potentials. 

Proceeding from the definition of the ꝙ potential (10.58) and taking 
into account that the e potential, which is different from the ey 
potential, is given by the equation 


ELM = ELM) E ÉxLidipp + gapt ＋ £pi (10.59) 


one can obtain the following expression for the electrode potential 
on the @ scale»): 


9 — & — Ex = Éux + ELMaipp — xELMaipy (10.60) 


Equation (10.60) allows one to view the electrode potential on the ꝙ 
scale as a measure of the charge on the metal (the intensity of the 


1? Equations (10.59) and (10.60) refer to solutions containing no capillary- 
active substances (grs, = 0). 
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ionic double layer gume) ) and also as a measure of the variation in 
oriental ion of polar solvent molecules al the inet al-electrolyle inter- 
face upon transition from the null point to the given value of poten- 
tial (the difference between the quantities v cip) and sQLM (dipo 
There are grounds to believe that the orientalion of solvent dipoles 
on a charge-free metal surface depends little on its nature and that 
the value of yim (dipp is approximately the same for all metals 
in aqueous solutions, Thus, if, for example. for metal / and metal 2 


Pr oe 
or 
Ermu ＋ ELM, (dipp) 7 NEEM .) 7 


Cl. Ste (D El. Ma (% L) 7. NÉLM Gir) 
then 
ELM (71. — NÉLMi Gip) EM (ding) T NÉLUM: (410 


since the change of dipole orientation depends only on the electrode 
charge, and 
ELN = ELN, 

The equality of the ꝙ potentials of two or more metals is an indication 
that the ionic potential differences and the charges on the surfaces of 
these metals are approximately equal. The same inference can be 
made if the @ potential is expressed in lerms of the corresponding 
Volta potentials. Knowing the values of the @ potential. one can 
therefore compare different metals from the viewpoint of their char- 
d the conditions of adsorption of capillary-active substances 
m. If the solution contains capillary-active substances, a study 
of (heir adsorption on different electrodes at one and the same 9 
potential will enable one lo ascerlain the peculiarities of their spe- 
cific adsorption on each particular electrode. 

In 1947 Grahame. who studied electrocapillary phenomena on mer- 
cury. devised a potential scale which he called the rational scale of 
potential. The potential on the rational scale is denoted by yf’ and 
given by the equation 

tp’ = ence — (—0.480) = ence + 0.480 (10.61) 


where ence is the potential of a mercury electrode wilh respect to 
the normal calomel electrode. and the constant value —0.480 corre- 
sponds to the potential of the charge-free surface of mercury in solu- 
tions of capillary-inactive substances, i.e.. lo the null point of mer- 
cury also referred to the normal calomel electrode. 

Obviously. Grahame's rational scale is a special case of Antropov 8 
correlative scale as applied to the mercury electrode. No attempts 
were made by Grahame to formulate a more general concept of the 
reduced scale, to extend it lo other metals and use il for comparing 
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charges and the conditions of adsorption on various electrodes. The 
term “rational potential scale” cannot be considered adequate. Inde- 
ed. as pointed out above, the use of a scale based on the null points 
of metals may prove to be rational in some cases and irrational in oth- 
ers. Moreover, the word "rational". as distinct from “correlative”. 
does not reflect the essence of the scale. And, finally. the rational sca- 
le referred only to mercury (the application of this scale as devised 
by Grahame to other metals would turn it into the Ostwald absolute 
scale) was proposed after the reduced scale had been pul forward. 
For these reasons we will use henceforward the term “correlative” or 
“reduced scale of potentials”. 
It should be noted that in certain cases. alongside the correlative 

scale, the correlative ꝙ scale may also prove useful. in which the g7 
potential is determined from the equation 


p = £ — eo (10.62) 
that is, it is reckoned from the potential of the uncharged surface. 
This scale refers to a single electrocapillary curve whereas the [a 
scale relates to a given electrode and solvent. Thus, there exists 
only one @ scale and an infinite multitude of q' scales for cach ele- 
ctrode (say. for a mercury electrode). 


10.3.2. METHODS FOR EXPERIMENTAL MEASUREMENT 
AND CALCULATION OF NULL POINTS 


Adsorption phenomena play a very important role in the kineties 
of almost all electrode processes. The conditions of adserption of 
dissolved substances on the surface of an electrode are largely gover- 
ned by the charge on this surface, i.c.. to a first approximotion. by the 
value of its potential on the correlative scale, a scale based on the 
null points (the potentials of zero charge) of metals. For this reason, 
methods of determination of the null points acquire special importan- 
ce. Several methods are described below. 

1. Capillary Eleetrometer Method. This method can be used to 
determine the null points (the potentials of zero charge) of liquid 
metals (e.g. Hg, amalgams. Ga) in contact with electrolyte solutions 
and also of liquid metals in contact with molten salis. K arpachev 
and his coworkers have designed a special capillary electrometer to 
he used for molten electrolytes and determined the null poinls of 
a number of metals at temperatures above their melting points. 

2. Dropping Mercury Electrode Method. The experiments carried 
out by Kučera (1912) showed that curves similar to electrocapillary 
curves can be obtained by using the relation between the weight of 
a falling-off drop of mercury and its potential. Ina dropping mercury 
electrode drops are conlinuously formed, falling off from the capillary 
to the bottom. The drop formation (creation of a new interface bel- 


Ch. 10. Electrekinetic and Electrocapillary Phenomena 211 


ween mercury and solution) al any potential. except the ecm poten- 
tial. is associated with the injection of charge. i.c.. the passage of 
a current. ‘The potential of a mercury drop at which the current 
is zero corresponds to the potential of zero charge. The accuracy 
of this method is lower as compared with the capillary electrome- 
ter method, but it is convenient for determining the pze of electro- 
chemically unstable amalgams. 

3. Differential Capacily Method. In dilute electrolytic solutions 
the polential of the differential capacily minimum of a mercury 
electrode almost coincides with the electrocapillary maximum obtai- 
ned for the same solution. Direct measurements of the double-layer 
capacity on passage of an alternaling current were conducted as far 
back as the 19th century. but the resulls obtained were not reliable. 
The application of this method became possible after the works of 
Proskurnin and Frumkin had been published. These authors showed 
that with certain conditions being observed (primarily. high purity 
of the solution and mercury) the capacilies measured directly and 
calculated from electrocapillary curves coincide wilhin experimen- 
tal errors. Thus the validity of Lippmann's second equation was 
conlirmed. The measurement of the differential capacity of the doub- 
le layer has turned out to be useful in studying not only the double- 
layer structure and the adsorption phenomena taking place at the 
meLai--lectrolyte interface, but also the kinetics of electrode proces- 
ses. 

The differential capacity method can be employed for determining 
the vs of any metal, bul in the case of solid metals complications 
arise. naking it difficult lo interpret the results obtained. These 
difncnt ies are associated with the fact that many solid metals. in 
particular all the metals of the iron and platinum groups, are capable 
of acserbing and occluding considerable amounts of hydrogen and 
oxygen. This must affect the double-layer differential capacity and 
ils variation with potential. Besides. solid metals usually have 
surface irregularities: micropores. cracks. dislocations of crystal 
lattice. cle. For this reason the potential of the differential capacily 
minimum of a solid metal cannol always be identified with the poten- 
tial of zero charge. The most reliable data have been obtained for 
soft metals such as lend. zinc. cadmium and thallium, whose surfaces 
most closely resemble the mercury surface in their properties. 

4. Ionie Adsorption Method. This method consists in determining 
the sign of the charge of capillary-active ions which are preferential- 
ly adsorbed from the solution on the melal surface al a given poten- 
tial. Anions are primarily adsorbed on positively charged and cations 
on negatively charged surfaces. If the potential is changed by shifting 
it in a definite direction, then the point of transition from the excess 
adsorplion of anions lo that of cations (or vice versa) will correspond 
to the potential of zero charge. Excess adsorption of cations or anions 
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can be established either analytically, by determining the com positi- 
on of the corresponding solution, or by using a radiotracer technique. 
The ionic adsorption method is most successfully used for metals with 
a developed surface (e.g. platinized platinum). 

5. Contact Angle Method. This method was proposed by Moller 
and improved by Frumkin, Kabanov. and others. 

A gas bubble or a drop of a liquid immiscible with water is placed 
on the surface of a metal immersed in a solution. The metal surface 


f, A 

2 JA 
Fig. 10.5. Relation between the contact angle à and the interfacial tension 
al the metal-solution (0 ). metal-gas (G,y) and zas-solution (ey) boundaries 
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is then subjected to polarization and the change of tlie contact angle 
9 at the boundary between the three phases is measured (Vig. 10.5). 
Jt can be seen from Fig. 10.5 that the equilibrium condition will be: 


Oy =: 044 + Oyy, cos Ù 


where o is the interfacial tension between the two phases, After rear- 
Tanging, 


ns g UYT re 
cos d SED (10.63) 
A curve of contact angle $ versus potential e is similar to an electro- 
capillary curve—its maximum corresponds to the potential of zero 
charge. This shape of the vs. e curve is probably explained by the 
fact thal ov; is independent of potential. a,y changes very slightly 
with potential and all changes in the contact angle should be ascribed 
to arı. The accuracy of this method is inferior to thal of the electro- 
capillary method. It can. however. be used for determining the pzc 
of metals with a smooth surface. 

Fischer and Morlos recently used a version of this method based on 
the relation between the contact angle Ò and the height h of the 
capillary rise of a liquid on a metal plate: 


sin 9 = 1 — p g 
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where p = density of the liquid 
g = acceleration due to gravily 
a = interfacial tension. 

Experiments carried oul with an amalgamated gold plate have 
shown that the minimum of the curve for the height of the liquid 
against the plate potential is close to the potential of zero charge 
found for the corresponding solution, and ils variation with the 
solution composition agrees with data of electrocapillary measure- 
ments. 

6. Surface Hardness Method (The Pendulum Method). This method 
was proposed by Rehbinder and Wenstrom (1945-49). It consists in 
measuring the logarithmic decrement of the oscillations of a pendulum 
in contact with a metal surface through a drop of an electrolyte 
solution. The logarithmic decrement of the oscillations was plotted 
versus the metal-solution potential difference. 

According to Rehbinder and Wenstrom, the decrement of the 
oscillations is associated with the deformation of the surface 
and the penetration of the pendulum into the bulk of the 
metal. The higher the free energy of the metal-solution interface. 
the greater the amount of work required to create a fresh surface 
and the slower the rate of deformation; hence more lime is needed 
now lor the same relative decrement of the oscillations to be attained. 
The maximum surface hardness coincides with the maximum surface 
energy and they both must be observed at the potential of zero char- 
ge. The Rehbinder-Wenstrom method was modified by Bockris and 
Parry-J ones (1953). who suggested that the position of the potential 
of zero charge should be determined from the minimum surface fri- 
ction. The determination of the pzc by these two methods requires 
high experimental skill. which limits their practical application. 

7. Vibrating Boundary Method. The method, which was proposed 
by Watanabe in 1963, consists in the following. The surface of a li- 
quid metal charged to a definite potential is made to vibrate in the 
solution under study by means of a mechanical vibrator. The surface 
area of the interface between the metal and the solution changes at 
a delinite frequency and the electric double layer generates an alter- 
nating charging-discharging current on the surface. At the potential 
of zero charge the magnitude of the alternating current produced will 
be minimal (in the limit equal to zero). A shortcoming'of the method 
is that the measurements involve the passage of a current through 
the system. This lowers the sensitivity of the method. especially 
in dilute solutions. because of a voltage drop caused by the solution 
resistance. 

Mintz and coworkers (1967) succeeded in increasing the sensitivity 
of the method by inserting a controlling resistance into the charging- 
discharging current circuit. This enabled measurements to be made 
in slightly more dilute solutions. 
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A modified version of this method was described by Yu. Gerasi- 
menko, M. Gerasimenko. and L. Antropov (1971). The electric double 
layer on the vibrating metal surface generates an alternating voltage 
(not an alternating current) having the same wave characlerislic as 
mechanical vibration. The magnitude of the alternating voltage 
depends on the specilied potential on the metal and tends to zero 
as this potential approaches the zero-charge potential. This version 
of the vibrating boundary method provides sufficient accuracy and 
can be used for measurements in very dilute solutions. 

Other Experimental Methods for Determining the Potential of 
Zero Charge. The values of the pzc of metals can also be obtained 
by means of a number of other methods. One of these is based on the 
fact that under definite conditions the zero value of the electrokinetic 
potential corresponds to an uncharged metal surface. The magnitude 
of the electrode potential at which the electrophoretic (or electroos- 
motic) velocity is equal to zero may be identified here with the poten- 
tial of zero charge. For the same purpose use can be made of the re- 
sulls of experiments with deflection of a thin wire in an electric 
field; in this case the potential of zero charge may be identified with 
the potential of the wire at which it ceases to deflect. Further, an 
approximate value of the potential of zero charge can be obtained 
from data on the effect of salts on the kinetics of hydrogen evolution 
at the cathode. A new method for determining the pzc has been propo- 
sed by Derjaguin, Kabanov, and Birintseva (1960). The position 
of the pzc is determined by measuring the repulsive forces arising 
when two equally polarized metallic wires are brought close together 
(the crossed fibre method). The potential at which the repulsive force 
is al its minimum is taken as the potential of zero charge. 

An interesting method has been devised by Gokhshtein. The method 
in essence is as follows. An electrode in contact with a solution is 
attached to a piezoelectric cell and charged al a definite frequency 
and rate to a potential kept within two volls. The range of variation 
of the potential remains constant whatever ils value. Oscillations 
of the surface tension arising at the electrodo-solulion interface 
are recorded by the piezoelectric cell. As can be seen from the 
electrocapillary curves. one and the same amplitude of oscillations 
of the potential causes the surface tension to oscillate at different 
amplitudes; as the electrode potential approaches the eleclroca- 
pillary maximum, where the surface tension is almost independent 
of the potential (at sufficiently small variations of the latter), the 
oscillations of the surface tension fall sharply. The minimum 
of the curve of the surface tension amplitude against the poten- 
tial (its range being specified) must therefore correspond to the poten- 
lial of zero charge of the electrode. The first experimental data obta- 
ined by Gokhshtein support this assumption. 
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The values of the pze determined by the methods described above 
are presented in Table 10.3. When using the tabulated values of the 
pzc it is necessary to remember that the degree of accuracy largely 
depends on the method used for their determination. The most accu- 
rate results have been obtained by the capillary-electrometer and 
dropping-electrode methods. The null points of metals (except mer- 
cury) found by different methods coincide with an accuracy up to 
0.1 V. 

A direct comparison of the pzc of metals in solutions and in molten 
electrolytes is impossible because of the absence of a single scale of 
electrode potentials for aqueous solutions and molten media. They 
can nevertheless be compared assuming that the null point of some 
melal is the same both in solution and in molten electrolytes. Such 
a comparison has been made on the assumption that the null points 
of mercury in solution and in melts are equal (Frumkin, Antropov). 
The choice of mercury is dictated by the fact that it is in the liquid 
state when in contact with aqueous solutions as well as molten salts. 
Besides, the null point of mercury in aqueous solutions has been deter- 
mined with the greatest accuracy. With this assumption made, the 
null points of metals in molten electrolytes (with respect to the refe- 
rence electrode: lead and a eutectic of lithium chloride and potassium 
chloride) can be converted to the hydrogen scale by adding a constant 
value (equal to. —0.1 V) to the values given in Table 10.2. A still 
better agreement between the two rows of null points can be provided 
if their values for molten electrolytes and solutions are assumed to 
be equal not for mercury, whose null point in a molten electrolyte 
is determined with insufficient accuracy, but for lead. This is what 
was recently done by Leikis and Ukshe. Thus, the null points of all 
metals in two different solvents differ by a certain constant value. 

The results obtained by conversion are given in Table 10.5. where 
they are compared with the most probable values of the null points 
in solutions and also with calculated values. The agreement bet- 
ween the three rows of null points thus obtained is quite satisfactory. 

Theoretical Caleulation of Null Points. One cannot say with 
sufficient certainty (except for mercury) that the values listed in Tab- 
les 10.3 and 10.4 are really the null points of the metals and not 
their potentials of zero charge. This uncertainty arises from the fact 
that ions which are not surface-active at the mercury-water interface 
are capable of being specifically adsorbed on the surfaces of other 
melals. Therefore, electrolytes in which, in the case of a mercury 
electrode. conditions are observed under which the values of pzc 
obtained are equal or very close to the null point of mercury in 
a given solvent, may prove Lo be surface-active for other metals, and 
the experimentally determined potentials of zero charge will difler 
from the null points. In this connection it would be very interesting 
to try and calculate the null points of metals theoretically. The basis 
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TABLE 10.3 


Experimental Zero-Charge Potentials of Metals in Aqueous Solutions 
(on the Ilydrogen Scale) 


Metal Solution Method 
Te 1N Na,SO, Surface hardness (or 
pendulum) 
Pt (hydrogen Adsorption 
almosphere) 


C (activated 1N Na,SO,, 1N HSO, 


* carbon) 
Ni 0.001 H,SO, 
€ (graphite) 0.05N NaCl 
Cu Acidified salt solutions 
Ag 1N KNO; dil. AgNO3 
IN KNO; dil. AgNO, 
0.002N AgNO; 
Hg Dilute solutions 
Sn 0.1N Na.SO,, 
0.01 H,SO, 
Fe 0.001N H.SO, 
Cr 0.01N NaOH 
Ga 1.0N KCl, 0.1N HCI 
Zn iN Na.SO, 
Pb O. N Na,SO, 
Dilute KCl, HCl and 
H: S0 solutions 
Cd Dilute solutions of ele- 
ctrolytes, 0.005N KCl 
TI 1N Na,SO, 
Dilute solutions of ele- 
ctrol ytes 
TI (Hg), satu- | 1N NaSO; 
rated amal- 
gam 
Na (Hg) 0.1N LiCl, NaOH 


tg-atom/litre 
i 


* Probable values of null points. 


1N Na,SO,, O. of & H504 [ 


. —— . — — M 


Contact angle 
Crossed fibres 
Adsorption 


Hydrogen overpotential 

Surface hardness (pen- 
dulum) 
Adsorption 

{ Contact angle 
Surface hardness 
Adsorption 

qos angle 
Difierential capacily 

Various methods 


Surface hardness 


Differential capacity and 
hydrogen overpotential 
Contact angle 
Capillary electrometer 
Surface hardness 

17 hardness 


Differential capacity 
Surface hardness 
Differential capacity 
{ Surface hardness 
Differential capacity 
Capillary electrometer 


Dropping mercury ele- 
ctrode 


r 
£x. v 


0,60 * 


-+0.11 
+0.15 
10,27 
+0.2* 
—0.03* 
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Metal ey, V 


Te | -+0.60 
Sb -+0.10 
Sb -+0.30 
Hg | —0.10 
Sn —0.23 
Sn —0.12 
Bi --0.30 
Bi —0.12 
Al —0.30 
Ag | —0.30 
Ga | --0.40 
Pb | —0.47 
Pb | —0.35 
Zn -.0.55 
Cd | —0.63 
Cd | —0.60 
Tl —0.64 
TI —0.67 
In —0.52 


TABLE 10.4 


Molten electrolyte 


KC] + LiCl eutectic 
KCl + LiCl eutectic 
Equimolecular melt of KCl -+ NaC! 
KCI + LiCl eutectic 
KCl + LiCl eutectic 
Equimolecular melt of KC] + NaCl 
KC] ~- LiCl eutec tic 
Equimolecular melt of KCl -+ NaCl 
KC! + LiCl eutectic 
KCl LiCl eutectic 
KCl LiCl eutectic 
KCl -j- Lic! eutectic 
Equimolecular melt of KCl + NaCl 
KCl — LiCl eutectic 
KCl -- LiCl eutectic 
Equimolecular melt of KCl NaCl 
KCl LiCl eutectic 
Equimolecular molt of KCl -+ NaC] 
KCl + LiCl eutectic 


| t, C 


The Zero-Charge Potentials of Molten Metals * 


Method 


550 | Capillary electro- 


750 


metor 


Capillary olec tro- 
meter 

Differential capa- 
city 


Capillary electro- 
meter 
Capillary electro- 
moter 
Differential capa- 
city 
Capillary electro- 
meter 
Differential 
city 
Capillary electro- 
ineter 
Capillary electro- 
meter 
Capillary electro- 
meter 
Capillary electro- 
meter 
Differentia] 
city 
Capillary electro- 
meter 
Capillary electro- 
meter 
Differential 


capa- 


capa- 


capa- 


city 
Capillary electro- 
meter 


Differential capa- 
cily 

Capillary electro- 
meter 


* The pzc values are given with respect to a reference electrode — molten lcad and 


KCl - I.iCt cutectic. 


RCL SICK cutectiee 7 d 
for such calculations was given by Frumkin. He assumed that the 
diflerence between the null points of two metals must be approxima- 
tely equal to the Volta potential between them: 
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Equation (10.64) has been confirmed qualitatively in the experimen- 
tal works of Karpachev and coworkers devoted to the null points of 
molten metals. All the methods proposed for calculating null points 
(by Vasenin, Antropov, Delahay and Ruclschi, Levin. Novakovsky 
and Ukshe, and others) make use. directly or indirectly, of Eq. (10.64). 
The approximate nature of this equation was noted by Frumkin. who 
expressed some ideas aboul possible causes of deviation of the rela- 
tion between the null points and contact potentials from linearity. 
The conditions under which Eq. (10.64) must be fulfilled have been 
discussed by Parsons and Antropov. lt is impossible to substantiate 
theoretically the necessity to observe these conditions. and therefore 
the validity of Eq. (10.64) and also the usefulness of the methods 
suggested for calculating null points can be proved or refuted only by 
experiment. : : 

Equation (10.64) can be transformed by solving it for the null 
point of metal 1: 


0 — 02 


x= En toO (10.65) 


For calculations with the aid of Eq. (10.65) it is necessary to choose 
a certain standard metal 2. Mercury is the best choice because its ele- 
ctronic work function and null point have been determined with 
least error; they are, respectively, 4.52 eV and —0.19 V. 
Substitution of these values of »£ y and wf into Eq. (10.65) gives 
OR OM H 


wey = 4.52 —0. 10 4.71 & 4.7 (10.00) 


Equation (10.60) permits calculating the null point of any metal 
if its electronic work function is known. The accuracy of these cal- 
culations depends, apart from the validity of starting premises, on 
how accurately the work functions have been determined. The depen- 
dence corresponding to Eq. (10.66) is shown graphically in Fig. 10.6, 
from which it can be seen that the deviation of experimental points 
from the theoretical straight line is in most cases within experimental 
errors. Thus, by using Eq. (10.66) it'is possible to calculate the null 
points of metals with an accuracy close to that provided by most 
direct measurements (40.1 V). 

The null points of a number of metals have been calculated from 
Eq. (10.66) on the basis of the values of work function indicated 
in Table 9.1. The calculated values of null points are given in Ta- 
ble 10.5. 

Recently Antropov introduced the concept of the theoretical metal- 
solvent null point MLER: which is delined as a special case of the 
equilibrium metal-solution potential, when the charges on the free 
surfaces of a metal and a solution are equal in magnitude and so are 
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their external potentials pu and pi: 


bn = vl. | ef (10.67) 
With this condition, from the general equ 


ation for the equilibrium 
electrode potential on the hydrogen scale 


1 + 8 
M/LEN = F ( 20% ton” l. + zolt* — = Dy, — sIn) (10.68) 
where w = work function 
Dy, = dissociation energy 
= energy of hydrogen ionization 


it follows that 
wei f- (20$ + zal ext — A Du, — ste) (10.69) 


The dissociation energy of hydrogen molecules and the ionization 
energy of its atoms are independent of tlie nature of the metal and the 


Fig. 10.6. Relation between the null points of metals (ex) and the electronic 
work functions (Ge): 


O- null points in solutions; null Points in molten electrolytes recalculated on the assump- 


tion that for mercury EN(soin) = £N(meit) = —0.2V 


solvent and are equal to 4.22 and 13.60 eV, respectively. Consequently, 


meh =e (oi zA — Fg — 15.71) (10.70) 
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Equation (10.70) shows that the difference between the null points 
of two metals M, and Ma in the same solvent L. i.e.. the quantity 


T T 1 - 
My/LEN — MaLEN = F (e, — OM) = Attius (10.71) 


is equal to the difference in the electronic work functions of these 
melals and is independent of the solvent nature. Equation (10.71) 
coincides with the Frumkin formula (10.64), which thus refers to 
null points rather than to the potentials of zero charge and is ful- 
filled only when the assumption of the equality (py = Yr li. e., 
Eq.(10.67)] is valid. From Eq. (10.70) it follows also that the null point 
of any metal M in two solvents L; and La is not a function of the 
melal's nature. Indeed. 

MeN — /! = T at, — Aio) = Aras (10.72) 


that is, the difference between the null points of one and the 
same metal in two solvents corresponds to the Volta potential 
between these solvents. 

Because of the lack of experimental data the calculation of null 
points by Eq. (10.70) can be carried out only for aqueous solutions. 
In this case, according lo Izmailov and also to Conway, the quanlily 
eben m — 258 keal/g-ion = 11.19 eV/g-ion and hence 

sitqoty = o J — 4.52 (10.73) 
The magnitude of the surface potential at the water-air boundary 
is 0.17 V according to the indirect data of Izmailov; according to 
Frumkin. it must lie between 0.1 and 0.2 V. closer to 0.2 V. If the 
value given by Izmailov is used, i.e., if it is assumed that 4H:0 = 
— 0.17 V. then 
MAnzo8x = p OM — 4.52 —0.17 — 4: o? — 4.69 ~ to —4.7 (10.74) 
which coincides with Eq. (10.66). 

At present it cannot be staled with a sufficient degree of certainly 
that the null point calculated theoretically on the basis of the assum- 
ption (10.69) corresponds both in physical meaning and in magnitude 
to the experimental null point. Nevertheless. the similarity of 
Eqs. (10.66) and (10.71), in which different initial valucs were used. can 
hardly be regarded as casual. Besides, Eq. (10.72) leads to the con- 
clusion that the differences in the null points are independent of 
the solvent nature, which agrees with the data obtained so far on the 
null points in aqueous solutions and in molten salts. And. finally. it 
should be noted that Eq. (10.70) can be used to determine the surface 
potential y= (or xu. for aqueous solutions) which. as follows from 
the substitution of the values of ex and c for mercury into 
Eq. (10.71), must be equal to0.19 V. This value of Au: is only slightly 
different from the most probable value of the surface potential al 
the water-vacuum boundary found by other methods. 
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The Structure of the Electric Double Layer 
at the Electrode-Electrolyte Interface 


The study of electrokinetic and electr 
yielded definite experimental regularities, 
layer structure at the melal-electrolyte interface is the basis for 
interpretation of these regularities. Experimental facts may serve 
at the same time as a criterion of the validity of the various concep- 
tions of the double-layer structure. The most important results obtai- 


ned in studying electrokinetic and electrocapillary phenomena may 
be summarized as follows. 


1. Apart from the total metal-electroly 
which is a concentration-dependent comp 
lial eLm, there also exists the electro 
differing from the total potential diff 
usually smaller in absolute value than ELM Or £j and its dependen- 
ce on the solution composition is more sophisticated. In most cases, 
with increasing concentration of the electrolyte the zeta potential 
diminishes. tending to zero, provided that the solution contains 
no surface-active ions. When the concentration of the solution chan- 
ges. a reversal of the sign of the d potential may result, though the 
sign of the e potential remains the same. This reversal of the sign 
of the potential and the associated recharging of the metal surface 


is observed in the presence of surface-active (or capillary-active) 
and polyvalent ions. 


2. The differential capacity calcul 
ves or measured directly is 


ocapillary phenomena has 
The theory of the double- 


te potential difference £r. 
onenl of the electrode poten- 
kinetic or zeta (Y) potential 
erence. The zela potential is 


ated from electrocapillary cur- 
a function of the electrode potential. 
It is at its minimum in the region of potentials adjacent to the zero- 
charge potential of mercury in a given solution. For solutions contai- 
ning no capillary-active substances the magnitude of capacitance at 
the electrocapillary maximum decreases regularly as the solution is 
diluted. The capacitance on the negative (descending) branch of the 
electrocapillary curve is usually lower than on the positive (ascen- 


ding) branch: in many electrolyte solutions it varies slightly with 
potential, from 15 to 30 uF/cm?. 


Various attempts have been m 
of the double-layer structure 
principal theories of the doubl 


ade to build up realistic conceptions 
at the metal-solution interface; the 
e-layer structure are discussed below. 


Ch. 11. The Structure of the Double Layer 


11.1. THE PARALLEL-PLATE CONDENSER THEORY 
OF THE DOUBLE LAYER 


The first quantitative theory of the double-layer structure at the 
metal-solution interface is usually associated with the name of Helm- 
holtz. According to Helmholtz (1853), the double layer may be 
regarded as an equivalent of an electrical parallel-plate condenser, 
one plate of which coincides with the plane passing through the sur- 
face charges in the metal and the other with the plane connecting 
the centres of the ions residing in the solution but attracted to the 
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The Helmholtz model of the double layer: 


Fig. 11.1. 
ntial with distance from the metal 


b variation of pote 


metal surface by electrostatic forces (Fig. 11.1). The thickness of the 
double layer 1 (i-e., the distance between the condenser plates) is 
taken to be equal to the ionic radius rj. By the law of electroneutrali- 
ty. which also holds for the phase boundary, the number of ions 
drawn to the metal surface must be such as to precisely compensate 
the surface charges of the metal, i.e., 

QM = —4L (41.1) 
e surface charges per unit area (or charge densities) 
and the solution side of the interface. 

From the familiar equation for the parallel-plate condenser il 
follows that the charge density is directly proportional to the metal- 
solution potential difference due to a complete double layer: 
(11.2) 


if qu and qr, ar 
on the metal side 


q = CELMA) 


where C is the capacity (capacitance) of the double layer. 
The model of the electrical double layer in accord with these sim- 
plest conceptions implies two possible values of the zeta potential. 
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ened that all the charges in the solution are capable of 
gether with the liquid or are not entrained by a solid mo- 

e to the liquid. the zeta potential will then coincide in 
With the EL potential and its variation with electrolyte 
Sent in hie s 1 obey the Nernst formula. But if the charges pre- 
together with + ulion are bound strongly with the solid and move 
other), the 3 it (when the liquid and the solid move relative to cach 
corollaries , Potential will always be equal to zero. None of these 
mentally st the Helmholtz theory is consistent with the experi- 
or with t] d ablished relation between the e (or gr) and & potentials 
ifi de experimental concentration dependence of the £ potential 
$sumed that the latter may be equal to zero in very con- 
ectrolyte solutions or at a definite solution composition 
ng to the isoelectric point. Also, the Helmholtz theory 
changes a pis why the surface charge density on the metal surface 
ry-aclive umen value of the & potential in the presence of capilla- 
model of tin stances. At the same time the parallel-plate condenser 
consistent te double layer allows one to obtain double-layer capacities 
layer ul Mt with experiment and also a physically plausible double- 
y hickness based on experimental values of the capacity. For 


a : 5 : 
double layer having the properties of a parallel-plate condenser 
one can Write 


if it is not A 
Centrated el 
Corres pondi 
does not e 


D 
qu Ra (11.3) 
where áni PIA 
D 
mal (11.4) 


D being equal to the dielectric constant (permitlivily) of the medium 
filling the Space between the plates of the condenser. 

In solutions containing no surface-active substances the capacity 
of a mercury electrode on the negative (descending) branch of the 
electrocapillary curve is on the average 20 F/ cin. Since 


1 faraday — ee x 10" esu of capacity 
1 volt X 305 
then 1 pF = 1 x 10 — 9 x 105 esu of capacity and hence 
l 


ic x 
Da © 04x 10 cm 
If we assume that the solvent in the double layer is in a state close 
to dielectric saturation. the dielectric constant may be taken to be 
close to unity (from 1 to 5). The thickness of the double layer will 
then be of the order of 1079 cm. which corresponds to the usual 
ionic radii. Similarly, by substituting the value of ionic radius 
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(n. x 10- cm) for l into Eq. (11.4) and assuming that D lies between 
1 and 5, one can obtain double-layer capacities coinciding with 
experimental values. However Eq. (11.3) does not account for the 
experimentally observed change in the capacity with potential and 
with ion concentration in solution. The Helmholtz theory is thus 
incapable of providing a salisfactory interpretation of the basic 
experimental regularities associated with the double-layer structure 
and cannot therefore be considered perfect. In many cases. however, 
especially in the region of concentrated electrolyte solutions. this 
theory leads to conclusions which agree with experiment. Hence, the 
Helmholtz theory reflects more or less correctly the true structure 
of the electrical double layer. 


11.2. TIIE DIFFUSE-LAYER THEORY 


The Helmholtz theory does not take into account that the proper- 
tics of the double layer change with electrolyte concentration and 
temperature. Gouy (1910) and Chapman (1913) made an attempt lo 
eliminate this weakness of the Helmholtz theory by relating the 
charge densily in the double layer to the solution composition. 
They noted that. the strictly fixed array of ions postulated in the 
parallel-plate model is in fact impossible because, apart from the 
electrostatic forces arising between the metal and the ions. the latter 
are also acted on by the forces of thermal molecular motion. Under 
the combined effect of these forces the ions in solution are distributed 
diffusely relative to the metal surface, the space charge density 
decreasing with distance from it just as the density of the atmosphere 
changes with height. For this structure of the double layer one cannot 
make use of the formula for a parallel-plate condenser to express the 
relation between the potential and the charge density. In accordance 
with the law of electroneutralily one can write: 


QM = —4drL 


i.e.. the net charge density qu on the electrode must be equal in 
magnitude and opposite in sign to the net charge density gp on the 
solution side. But in order to find the value of 91, as a function of 
potential some definite assumptions must be made on the law of its 
variation with distance from the electrode. Gouy and Chapman main- 
tain thal the ions may be viewed as material points having no 
volume but possessing a definite charge and that their distribution 
in the field of the charge smeared uniformly over the electrode 
surface obeys the Boltzmann formula (Fig. 11.2). The value of gr, is 
determined in this case by summation of all the excess charges of the 
ions (positive for a negatively charged and negative for a positively 
charged metal surface) present in a liquid column normal to the 
electrode surface and having a cross-sectional area of 1 cm?. 
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The magnitude of the surface charge per unit area on the solution 
side of the interface is found in the same way as the charge density 
of the ionic atmosphere in calculations of the ionic activity coeffi- 
cient by the first approximation of the Debye-Hückel theory h. 
The starting points in both cases are the Boltzmann and Poisson 


n x 
(a) d) 
Fig. 11.2. The Geuy-Chapman diffuse-charge model of the double layer: 


a— molecular plcture; variation of potential with distance from the metal-solution inter- 
ace 


equations. In determining gy. one coordinate is sufficient, namely 
the distance from the electrode surface into the bulk of the solution. 
In this particular case Poisson's equation (2.31) is simplified to 


2% d 4; 
v = Sb = — Kg, (11.5) 


One can therefore write for qr, 


TT Feum@ FeLxIg 
1 V mee (e 2T —e RT) (11.6) 
Equation (11.6) refers to a completely dissociated uni-univalent bina- 
ry electrolyte (a = 1, c, = c. = c) which obeys the laws for ideal 
gas systems. 

The concept of the zeta potential does not figure in the diffuse- 
double-layer theory and its value therefore docs not appear in 
Eq. (11.6). Nevertheless, this theory is in better agreement with the 
regularities established in studying electrokinetic phenomena than 
the Helmholtz theory. Indeed. if one assumes that beyond a certain 
distance. say li, the ions are no Jonger bound strongly with the cle- 
elrode surface during the relative motion of the solid and liquid 
phases, the value of the potential corresponding to this distance 
(see Fig. 11.2) may then be identified with the zeta potential. By 


1) The works of Gouy and Chapman were published before the Debye-Hiickel 
theory and served as a stimulus for the development of this theory. 
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the Gouy-Chapman theory and also according to an analysis of ele- 
cirokinetic phenomena, the zeta potential is in fact different from 
both the total potential difference a and the electrode potential 
e. € being smaller than gra. If the concentration of the solution 
increases, the charge density qr, will also increase simultaneously. 
The forces of attraction between the metal surface and the opposilely 
charged ions become stronger, while the degree of diffusion and the 
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Fig. 11.2. Comparing the experimental (a) and theoretical (b) (according to 
the Gouy-Chapman theory) curves of differential capacily for 0.001. NaF 


magnitude of the zeta potential decrease. which agrees well with 
experimental data. The Gouy-Chapman theory however does not 
account for such experimental facts as the reversal of the sign of 
the č potential and the recharging of the metal surface. According 
to this theory. the sign of the & potential must always be identical 
with that of the total potential difference across the metal-solution 
interface. 

The value of the capacity can be obtained by differentiating both 
sides of Eq. (11.6) with respect lo the potential grao» which may 
be replaced. with a certain degree of approximalion. by the electrode 
potential on the correlative ꝙ scale. 

Figure 11.3 compares the experimental curve of the variation of 
the double-layer capacity with the ꝙ potential for a mercury electrode 
in an aqueous 0.001. NaF solution. obtained by Grahame, with 
the theoretical curve calculated for the same solution from Eq. (11.6) 
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after its differentiation with respect to the ꝙ potential. Neither the 
course of the theoretical curve with potential nor the absolute values 
of capacity agree with experimental data 9. The discrepancy becomes 
still more pronounced for concentrated solutions. The calculated 
capacities are several times, even several tens of times, as high as the 
experimental values. For example, the experimental values of the 
capacity in 1.0 M solutions of NaF and KCl at the point of zero charge 
(he electrocapillary maximum) are, respectively. 25.7 and 
39.0 pF/cn?. while calculations yield a value of 228.0 uF/cm?. This 
discrepancy arises from the neglect in the Gouy-Chapman theory of 
the volume of ions. these being regarded as point charges. As a re- 
sult, in the diffuse-layer model nothing prevents the ions from getting 
infinitely close to the metal surface. The solution portion of the dou- 
ble layer may prove to be localized, despite its diffuse structure, in 
a very thin lamina of thickness considerably smaller than the ionic 
radius, According lo Eq. (11.4) he capacity is inversely proportio- 
nal to the double-layer thickness. The possible compression of the 
diffuse layer lo a thickness smaller than the ionic radius results in 
overstated values of the capacity. Thus, the Gouy-Chapman model, 
although providing a belter explanation of electrokinetic phenomena 
than the Helmholtz theory. proves less efficient when applied to 
quantitative calculations of the double-layer capacil y. 


11.3. THE ADSORPTION THEORY OF THE DOUBLE LAYER 


The Gouy-Chapman theory is best justified where the Helmholtz 
theory is found to be inapplicable. and. conversely. where the diffu- 
se-charge model yields wrong results, the parallel-plate model provi- 
des a better agreement with experiment. Hence. the Structure of the 
electrical double layer must be described by a certain combination of 
the models proposed by Helmholtz and Gouy. This synthesis was 
made by Stern in 1924 in his adsorption theory of the double layer. 
According to the Stern picture, part of the ions in solution stick to 
the electrode, forming the Helmholtz sheet of the double layer with 
a thickness corresponding to the average radius of the electrolyte 
ions ?. The remaining ions in the double layer are diffusely spread 
oul with decreasing charge density. Like Gouy, Stern neglected the 
size of the ions in the diffuse portion of the double layer. Besides, 
Stern suggested that in the Helmholtz region the ions are held not 


D A certain agreement is observed near the electrocapillary maximum, where 
the double layer must have the most diffuso Structure owing to the small 
charge on the metal. 

? Here Stern followed the path outlined by Debye and Hückel in their 
second approximation. Thus, the advances in tho theory of solutions contributed 


in their turn to the development of the theory of the double layer at the electro- 
de-electrolyto interface. 
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only by electrostatic forces but also by forces of specific adsorption, 
which are of noncoulombic origin. In solutions containing capillary- 
active ions, the number of such ions in the Helmholtz double layer 
mav therefore not be equivalent to the charge on the metal surface 
bul exceed it by a certain amount depending on the properties of 


(b) 


Fig. 11.4. Ehe Stern model of the double layer. The molecular picture (top) 
and variation of potential with dislance (bottom) for solutions of capillary- 
inactive substances (a) and solutions containing capillary-aclive anions (0) 


the ions and the charge of the metal. Thus. according to Stern, two 
models of the double layer should be distinguished, one pertaining 
to solutions of capillary-inactive electrolytes and the other to 
solutions containing specifically adsorbed ions (Fig. 11.4). As before, 


qu = —1L 


However. in contrast to the Helmholtz and Gouy-Chapman models 
the Stern model pictures the charge density q; on the solution side 
as consisling of lwo parls—the charge density in the Helmholtz 
layer gu and the charge density in the diffuse layer qa: 


JL = Qu Qa Y (41.7) 
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The quantity qr can be determined by the formula 


D e 
Tar, (ELM — 2) (11.8) 


qs 
which differs from Eq. (11.3) of the parallel-plate model in that it 
contains a potential fall in the Helmholtz region of the double layer 
instead of the potential difference gy sq). 
Taking into account that beyond the distance r, the charges in 
the double layer are distributed diffusely. one can write the follo- 
wing equation for q,: 


gen BE att 6 arm 


As distinct from the Gouy theory, the quantity qa in Eq. (11.9) 
depends not on the whole metal-solution potential difference but on 
that part of it which covers the potential drop in the diffuse portion 
of the double layer. In order to find the value of qj, Stern assumes 
that the energy of the ion on the metal surface and in the solution 
is nol the same. It differs bv a value made up of the electrical work of 
transferring the ion from the bulk of the solution into the Helmholtz 
layer, 4 Fb. and the energy of ion adsorption «D. Using the same 
argument as in the familiar derivation of the Langmuir adsorption 
isotherm, Stern arrives al the following equation: 


qi = Fl max a —— rg (11.10) 


eee RE pel. 
c 


€ 


where Tmax = maximum number of ions capable of being adsorbed 
on a unit surface area 
@_ and (D, = energies of adsorption of electrolyte. anions and 
calions. 
Combining Eqs. (11.8). (11.9) and (11.10). Stern obtains the gene- 
1 equation (known as the Stern equation) for uni-univalent electro- 
yles: 


D 1 1 
Tar, (Stat a) — 8) = FP mas | —— ar ar |t 
SS 1p „ I TENET 
I. c c 
— 
MI 
Impr. . GE — 
DUTe , 3g 57 
ty -p (eT —e R1) (11.11) 
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The Stern theory allows one to define the zeta potential as the 
potential fall beyond the Helmholtz double layer, i.e., as the poten- 
tial fall in the diffuse portion. where the ions are no longer strongly 
bound with the metal surface ?. Thus defined, the 5 potential should 
not coincide with guLe) or with the Nernst polential, and this is 
confirmed by experiment. From the model presented in Fig. 11.4 
it follows that in solutions of capillary-active electrolytes the & 
polential not only does not coincide with the total potential diffe- 
rence in magnitude but may also be opposite in sign. Thus, Stern's 
theory was able, unlike tbe Helmholtz and Gouy-Chapman theories, 
to account for the experimentally observed recharging of the surface 
of a solid body and the change of sign of the electrokinetic potential. 

Equation (11.11) shows that as c — 0 its right-hand side must also 


tend to zero and, consequently, 
ELM ae o T t 


i.e.. al an infinitely small concentration all the charges in the solu- 
tion are randomly distributed and the double-layer structure is des- 
cribed by the Gouy-Chapman theory. Conversely, as the concentration 
increases the degree of diffusion will diminish since gy increases 
proportionally to the concentration c to the first power, while ga 
increases proportionally lo c"*, i. e., slower than gy and, consequent- 
ly, for concentrated solutions the quantities gq and & may be disre- 
garded ¿s compared with qu and qumay In concentrated solutions 
the structure of the double layer is closely similar lo the model 
propose! by Helmholtz. In the region of moderate concentrations 
where F is comparable with R7/F in magnitude, its dependence on 
concentration can be expressed by the following approximate equa- 
tions based on the Stern formula: 
(1) for positive values of 5 


t-B— ine (11.12) 
(2) for negative values of & 
uu (11.13) 


where B and B’ may be taken as approximately constant quantities 
for conditions under which the charge on the metal surface does not 
change sign. 


» Equation (11.11) corresponds to the assumption that only the first ion 
layer adjacent to the metal surface is stationary; if che bonding between the ions 
and the electrode remains sufficiently strong in one or Soveral subsequent ionic 
layers, the value of the zela potential contained in the equations of the Stern 
theory must be larger than the F potential determined experimentally from the 
results of electrokinetic measurements. 

19° 
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The Stern theory yields a correct interpretation of the dependence 
of the shape of the electrocapillary curve on the concentration and 
nature of the electrolytes present, though, as pointed out by Esin 
and Markov on experimental evidence (the Esin-Markov effect) 
it does not provide quantitative agreement with experiment. In 
calculating the capacity by the Stern formula it is necessary to 
remember, in accordance with the Stern model, that the total capaci- 
ty C of the double layer is composed of the capacity Cy of the Hel- 
mholtz region and the capacity C4 of the Gouy Tegion of the double 
layer, the latter being in series with Cy: 


1 1 1 
tate (11.14) 


With the assumptions made by Stern the capacity of the diffuse 
layer (the Gouy region) must be considerably greater than that of 
the Helmholtz region and, as follows from Eq. (11.14), the total 
capacity is determined mainly by the capacity of the Helmholtz 
portion of the double layer. The determination of the capacity by the 
Stern theory therefore leads to results consistent with experiment 
both in the magnitude of the capacity and in the character of its 
dependence on the electrode potential and the solution concentra- 
tion. 


11.4. FURTHER DEVELOPMENT 
OF THE DOUBLE-LAYER THEORY 


The Stern theory is a more or less correct reflection of tha structure 
and properties of the electrical double layer. Both the theory and 
the corresponding double-layer model are used in investigations of 
electrochemical phenomena in which the double-laver structure 
plays an important role. The Stern theory, however, as admitted 
by its author. is not free of defects. 

Many attempts have been made to elaborate such a theory of the 
double layer that would agree quantitatively with experimental 
data. For example, Reuss (1926-28) suggested that inside the metal. 
too, the charges are not all localized in one plane, but are distributed 
in the bulk of the metal with gradually decreasing density. The 
concept of two diffuse layers on either side of the interface is hardly 
applicable to the case where one of the contiguous phases is a metal. 
It may hold true for the boundary between ion-conducting phases 
and also for the interface between a semiconductor and a solution. 
Esin and Shikhov (1943) improved the Stern theory by taking into 
account discreteness-of-charge effects. They assumed that adions 
(specifically adsorbed ions) will be present in the double layer as 
mutually associated ion pairs, each pair consisting of an anion and 
a cation. This idea was further elaborated by Ershler (1946), who 
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advanced the viewpoint that the hexagonal array of the adions 
associated with a distorled ionic atmosphere on the solution side of 
the interface is the most probable. The Ershler model permits 
a satisfactory interpretation of the role of capillary-active ions 
in the shift of the electrocapillary maximum. 

The theory of the double-layer structure was further developed 
in the works of Frumkin and his school and also of Grahame. Parsons, 
Devanathan and other workers. According to these authors two 
planes should be distinguished in the dense portion of the double 
layer: the inner and outer Helmholtz planes. The inner Helmholtz 
plane (referred to as IHP) is composed of specifically adsorbed ions, 
partly or completely dehydrated and forming dipoles with the 
metal. The outer Helmholtz plane (OHP) contains hydrated ions 
drawn to the metal surface by electrostatic forces. Between the 
OHP and the bulk of the solution is a diffuse layer. It has been 
shown that in many cases this model of the double layer has a num- 
ber of advantages over the Stern picture. It provides a more compre- 
hensive interpretation of experimental regularities. Much attention 
is focussed at present on the role of solvent molecules and adsorbed 
uncharged particles in the formation of a double layer at the metal- 
solution interface. 


PART FIVE 


Nonequilibrium (Irreversible) Electrode 
Processes 


The practical utilization of electrochemical systems (as chemical 
sources of current or as electrolytic cells) is always associated with 
an electrochemical reaction proceeding in one dircction at a finite 
tate. Natural electrochemical processes such as the corrosion of 
motals under the influence of the environment. also proceed in one 
direction at a perceptible rate. In both cases. therefore. electroche- 
mical systems are not at equilibrium and their properties are essen- 
tially different from the properties of the corresponding equilibrium 
(reversible) systems. 

Since the overall reaction in an electrochemical system, or cell. 
is composed of electrode reactions. the behaviour of cach of the 
electrodes under irreversible conditions must differ from their 
behaviour under equilibrium conditions. The equilibrium state of 
an electrode can be characterized as follows. 

1. The rate at which an electrochemical reaction proceeds in the 
anodic and cathodic direction is the same on the equilibrium electrode 
as a whole and on any portion of it sufficiently large as compared 
with the size of molecules. If the electrode reaction can he 
Tepresented as 


M?* ＋ ce = M 


the transfer of one and the same type of ions M^* across the electrode- 
electrolyte interface occurs at equal frequency in both directions. 
Since any electrochemical reaction involves charged particles, the 
frequency of the transfer of charged particles in either direction 
must be equivalent to a certain amount of current. At equilibrium 


Ja = I. = I 


where J, and J, = currents corresponding to anodic and cathodic 
processes 
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1° = exchange current density equal to J, and J, 
each in absolute value; it characterizes the 
kinetics of ion exchange under equilibrium 
conditions. 

2. The rates of one and the same electrode reaction in (wo opposite 
directions being equal, no changes occur in the qualitative and 
quantitative composition of a system at equilibrium. The nature 
and mass of electrode as well as the composition of the electrolyte 
remain unaltered. 

3. Since the partial currents Ja and I, are equal, it follows that 
under the conditions of established equilibrium the charge on the 
metal with respect to the solution and hence the electrode potential 
are independent of time; they are determined only by the composi- 
tion of the system, its temperature and pressure. The electrode 
potential e under these conditions is called the reversible or equilibrium 
electrode potential. Its value (on the arbitrary scale) can be calculated 
with the aid of general thermodynamic equations provided the elec- 
trode reaction. the activities of the reacting substances, the tempe- 
ralure aud pressure are known. 

4. The emf of an equilibrium electrochemical system is delermin- 
ed by the free-energy change in the reaction taking place in the cell. 

A nonequilibrium electrochemical system, i.e., a system in which 
electrochemical reaclions proceed in a given direction at a finite 
rale, is characterized by the following features. 

1. The rate of an electrochemical reaction in the anodic and 
cathodic directions is not the same 

I, * Ie I 
Neither of the partial currents is equal to the exchange current 
density. As a rule, in a nonequilibrium (irreversible) electrochemical 
system one of the two possible electrode reaclions (corresponding 
to the two electrodes of the cell) proceeds predominantly in the 
anodic direction and for this reaction 


Ja J. 
and the other, predominantly in the cathodic direction and for it 
Ta < I. 
In the case of the reaction 
M^* + ze — M 


the transfer of one and the same type of ions across the electrode- 
electrolyte interface takes place at different frequencies. 

2. Because the reaction proceeds predominantly in one direction 
the mass (and often also the nature) of the electrode and the compo- 
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sition of the solution near the electrode are ultimately found to 
be changed as compared with the state of equilibrium. 

3. The electrode potential e, is not, in a general case, equal 
to the equilibrium electrode potential e, and cannot be calculated 
thermodynamically. Its value depends not only on the nature of the 
system, the temperature and pressure, but also on the current inten- 
sity. 

4. When a steady-state process is set up, the nonequilibrium 
electrode potential may be found practically independent of time. 
like the equilibrium potential. This steady-state value of the clec- 
trode potential under the applied current is called the stationary 
or steady-state potential e,. 

5. The magnitude of the voltage E, for irreversible electrochemi- 
cal systems is different from the reversible value of emf E,. The 
voltage of galvanic cells is in this case lower and the voltage across 
the electrolytic cell larger than the reversible emf. The value of 
E, is not determined unambiguously by the change in the free energy 
of the corresponding reaction. 

Thus, for an irreversible electrochemical system, or cell, there 
must exist a definite relationship between the current intensity 
and the rate of the chemical change taking place in i! and also bet- 
ween the current intensity and the voltage E, or the potentials 
involved in the electrode system. 


CHAPTER 12 


The Chemical Effect of Electric 
Current 
12.1. FARADAY’S LAWS 


12.1.1. THE ESSENCE OF FARADAY'S LAWS. 
ELECTROCHEMICAL EQUIVALENTS 


Since the passage of an electric current through electrochemical 
systems. or cells. entails chemical reactions, a definite relationship 
must exist between the quantity of electricity passed through the 
cell and the amount of chemically reacted matter. This relationship 
was discovered by Michael Faraday and expressed in the first quanti- 
tative laws of electrochemistry later named Faraday's Laws of 
Electrolysis. 

Faraday's first law states that the amount of reacted substance 
is directly proportional to the quantity of electricity passed through 
the cell. This law is mathematically expressed by the equation 


Am = kdt = kg (12.1) 


where \m = amount of chemically reacted substance 

ke = proportionalily factor 

q = quantity of electricity equal to the product of the 

current 1 by the elapsed time f. 

lf q = It 4. then Am = ke, i. e., the coefficient k, represents the 
amount of chemical change produced by a unit quantity of electri- 
city. The coefficient ke is called the electrochemical equivalent. As the 
unit quantity of electricity may be expressed in various ways 
(1 € —1 A-sec; 1 F = 26.8 A-hr = 96.500 C), a distinction should 
be made. for each particular reaction, between electrochemical 
equivalents corresponding to these three units: A-secÃes a-brte and 
rke. For gaseous and liquid substances the expression for the electro- 
chemical equivalent may contain volume instead of mass. Electro- 
chemical equivalents for some important reactions are listed in 
Table 12.1. 

Faraday's second law reflects the relation between (he amount 
of chemically reacted matter and its nature. From the second law 
it follows that at a constant current the masses of the reacted substan- 
ces are interrelated in the same way as their chemical equivalents 4: 


If the faraday is chosen as the unit quantity of electricity. then 
Am, = pka = Ay, Am: = fke = Az and Ams = fkes = As 


TABLE 12.1 
Electrochemical Equivalents * 


: Change 
le- Ato Ae: 
Rate Weiche Reaction 9 sec le · B/A-seex 103 
Ag 107.88 Agt--e-Ag 1 1.1179 
Al 26.97 | AB++3e=Al 3 0.0932 
De 9.01 |Be?* —2e = Be 2 0.0461 
Br 79.92 |1/.Bre-+-e = Br- 1 0.8282 
Br 79.92 |BrO;--8H*—7e—-!AJBr,--4H,0| 7 0.11831 
Cd 112.41 |Cd2* 2 — Cd 2 0.5824 
Cl 35.46 ½ Cle e = Cl- 1 0. 3674 
CI | 35.46 |ClO3-2-6H* —5e = 1/,Cl, - 3H.0 5 0.0735 
Cl 35.46 |ClO;--8H*-r7e—!4Cl-LAH,O| 7 0.05249 
cr | 32.00 Cre. d Cr 3 0.1796 
Cr | 5² ¥ : 2 0.2695 
Cr 32. 6 0.0898 
Cu 53. 1 0. 6588 
Cu a.: 1 0.6588 
Cu 03.5 2 0.3294 
Fe 55. 1 0. 5780 
Fe 5. 2 0.2893 
Fe 99. 3 0.1929 
H à 1 0.0104 
Hg 200.6 I 2.0789 
Hg 200.6 2 1.0394 
1 20. 1 0.1879 
K 39. 1 0.4051 
Mg 2 2 0. 1260 
Mn : Mn?* - 2e 3 0.2846 
Mn : MO + 4l * --2¢ = Mn?+ 4-2H,0 3 0,2846 
Na 2 Nat -e = Na L 0.2383 
Ni Ni* -e--Ni?* 1 0.6082 
Ni 58.6 Ni?* -.. 2e = Ni 2 0.3041 
M 140,-: 2H*--2e = HO 2 0.0829 
Pb 207.2 pb3e —2e Pb 2 1.0736 
Pb Dbi*..2e + Pha 2 1.0736 
rı Pt** -2e = Pt 2 1.0116 
Pt Pti* 2 fe = Pt 4 0, 5058 
$n 1 Su?* . 2e — Sn 2 0.0150 
Sn Sni* —-2e = Sz! 2 0.6150 
Sn Sud*.-4e: Sn 4 0, 3075 
Ti 7 Tid: 20 - Ti 2 0.2477 
In | Zu 2% Zn 2 0.3388 
| 


* Tho values of electrochemical. equivalents have been obtained hy dividing the 
atomic weights of elements by the product of the valency change in ine course of the 
reaction and 98,500 C. The data given can be used to calculate electrochemical equi- 
valonts expressod in other units. Knowing the molecular weight of the substance partie 
cipating in tho reaction, one can convert. the 


tabulated data to the electrochemical 
equivalents of compounds containing the glven element, 


„!!!!! el T— —— 
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from which, in accordance with the definition of pk, at q = 1 F. 


Am, _ ôm: X Ama E _ 

he ae ge = const = 1 (12.3) 
The last equation makes it possible to combine the two Faraday laws 
into a single general law, by which the amount of electricity equal 
to one faraday (or 96,500 coulombs or 26.8 amperes per hour) invari- 
ably produces an electrochemical change of one gram-equivalen! 


of a substance. 
124.2. CURRENT EFFICIENCY 


Faraday's laws are the most general and exact quantitative laws 
of clectrochemistry. In most cases, however, the amount of a given 
substance undergoing electrochemical change is smaller than could 
be expected on the basis of Faraday's laws. For example, if a current 
is passed through an acidified solution of zinc sulphate. about 
0.6 g-eq of zinc instead of 1 g-eq is usually deposiled per one faraday 
of electricity consumed. Similarly. if chloride solutions are subjected 
to electrolysis, the passage of one faraday of electricity will produce 
nol one but a little less than 0.9 g-eq of gaseous chlorine. These 
examples however are only apparent devialions from Faraday's 
laws. These laws postulate that the amount of a substance (simple 
or complex) undergoing chemical change as a result of the passage 
of one faraday of electricity corresponds lo one gram-equivalent. 
In the first example given above two reactions take place al the 
cathode: 

(a! the electrodeposition of zinc 


Zn** + 2e = Zn 
(b) the formation of hydrogen gas 
2H* + 2e = He 


If one determines not only the amount of deposited zinc, bul also 
the quantity of evolved hydrogen gas. the total amount of product 
formed will be 1 g-eq (0.6 g-eq of zinc and 0.4 g-eq of hydrogen). 
Similarly. the results obtained with the evolution of chlorine will 
not conlradict Faraday's laws. considering that a certain fraction 
of current is consumed for the formation of oxygen and that the 
chlorine liberated at the anode may partly pass into solution again 
as a result of secondary chemical reactions. for example. according 
to the equation 
Cl. + H.0 = HCl + HCIO 

and secondary reactions. 


To take into account the effect of parallel 
ld. Be. has been intro. 


the concept of current efficiency. or current yie 
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duced. Current efficiency is the fraction of current passing through 
a cell. which accomplishes the desired electrode reaction: 


B, =e (12.4) 

or. expressed as a percentage, 
ES 5 
Be s 100 per cent (12.5) 


where 9 = quantity of electricity consumed for a given reaction 
Eg, = total amount of electricity passed. 

Thus, in the first example the current yield of zinc is 60 per cent 

and that of hydrogen, 40 per cent. The expression for current efficien- 

cy is often written down in the form 


B. 4 100 per cent (12.6) 
a 


where ge = quantity of electricity calculated by Faraday's formula 
qa = quantity of electricity that has actually been consumed 
to change a given amount of substance. 

Current efficiency may also be defined as the ratio of the amount 
of the converted substance. Am,, to the amount of the substance 
that would react if the whole amount of current were used to accom- 
plish the given reaction, Am:: 


B, = 4% 100 per cent (12.7) 


Ame 

If among several possible electrode processes only one is desirable, 
then its current efficiency should be made as high as possible. There 
are systems in which the whole current is expended on a single 
electrochemical reaction. Such electrochemical Systems. or cells, 
are used Lo measure the quantity of clectricily passed and are called 
coulometers. There are three principal types of coulomeler: the 
weight, volume and titration coulometers. In weight coulometers 
(silver and copper coulometers), the quantity of electricity passed 
is calculated from the increase in the weight of the cathode. In volume 
coulometers, the total volume of substances formed (gas in the hydro- 
gen coulometer and liquid mercury in the mercury coulometer) is 
measured. In titration coulometers, the quantity of electricity passed 
is determined from data on the titration of substances generated 
in solution by the electrode reaction. In this method anodic dissolu- 
tion of silver (the Kistyakovsky coulometer) or electrolytic oxida- 
tion of iodide ions is usually used. 


12.1.3. POSSIBLE DEVIATIONS FROM FARADAY’S LAWS 


Apart from systems for which Faraday's laws are quantitatively 
justified, there are also systems in which deviations from these 
laws are possible. For example, calculations based on Faraday's 
laws will prove erroneous in the case of an electrolytic cell consisting 
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of Lwo platinum electrodes immersed in a solution of metallic potas- 
sium in liquid ammonia. Being a conductor of mixed conductance. 
this solution exhibits noticeable metallic conduction and during 
electrolysis a considerable part of electrons are capable of leaving 
the electrode and passing directly into solution without causing 
any chemical change. Similar phenomena are observed when a cur- 
rent is passed through gases. Such systems however are not true 
electrochemical cells consisting only of first- and second-class con- 
ductors. In true electrochemical cells, the transfer of electrons from 
the electrode into the solution and vice versa is invariably associated 
with a chemical change and so it obeys Faraday's laws. Being a natu- 
ral and inevitable consequence of the very nature of electrochemical 
transformation. Faraday's laws should at the same time be regarded 
as the most reliable criterion of a true electrochemical system. 


12.1.4. FARADAY'S LAWS AND THE RATE 
OF ELECTROCHEMICAL PROCESSES 


The rate of an electrochemical reaction v is defined, like that of 
an ordinary chemical reaction, as the amount of substance converted 
in unit lime, i.e., 


v= En (12.8) 


Since the amount of chemical change produced by electrolysis 
is directly proportional to the total amount of electricity passed, 
one can write, using Eq. (12.1), 


dám d 
DI SP = km kel (12.9) 


and so the rate of an electrochemical reaction is found to be propor- 
tional to the current J. As &, is constant for each particular reaction, 
the current J can then be conveniently used to express the rate of 
any electrochemical change. If the current is referred to one faraday. 
the quotient 7/F will be the rate of an electrochemical reaction in 
terms of gram-equivalents of substance and the quotient I/zF the 
reaction rate in terms of gram-molecules (gram-ions) of the sub- 
stance. 

A specific feature of electrochemical reactions is that they all 
occur at the electrode-electrolyte interface and therefore the rate 
of these reactions depends on the surface area 2 of the interface. 
The rate of an electrochemical reaction is thus usually referred 
to the unit surface area of the interface and expressed in terms of 
Current density i: i 

i=- (12.10) 
The rate of electrochemical reactions is most often measured in Atem 
or (in industrial electrochemistry) in A/m*. 
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Using Faraday's laws, one can calculate the quantity of electri- 
cily needed to produce the required vield of electrolytic product. 
Thus, at a current efficiency of 100 per cent one and the same amount 
of electricity equal to one faraday is required to produce one gram- 
equivalent of any substance. Faraday's laws determine the consump- 
tion of the quantity of electricity and not of electrical energy, 
which will not be the same in producing one and the same number 
of gram-equivalents of a substance; the consumption of electrical 
energy depends on the nature of the substance, the type of the reac- 
tion producing this substance and also on the reaction conditions. 
If the value of F yields the quantity of electricity required to produce 
one gram-equivalent of a substance, the electrical energy consumed 
will in this case be equal to the product FE. For each substance 
there is a specific value of voltage E across the cell. which may 
vary depending on the conditions under which the electrochemical 
reaction is conducted. 

The Swedish chemist Berzelius, a contemporary of Faraday. doub- 
led the validity of Faraday's laws alleging that they were in contra- 
diction to thermochemical data, according to which the energy 
effects associated with different reactions are not equal. In his cri- 
ticism Berzelius missed out the difference between the quantity of 
electricity and the amount of electrical energy. 

In industrial electrochemistry, apart from the quantity of electri- 
city. the electrical power consumed for carrying out a particular 
technological electrochemical process is of crucial importance. 


12.2. ELECTROANALYSIS AND COULOMETRY 


The transformation of substances on electrodes under ‘he influence 
of electric current obeys Faraday's laws. This relationship forms 
the basis of (wo quantitative electrochemical methods of investi- 
gation and analysis called electroanalysis and coulometry. 


12.2.4. ELECTROANALYSIS 


Electroanalysis, or electrogravimetry, is based on measuring the 
weight of the deposit formed on the electrode surface as a resull 
of the passage of a quantily of electricity sufficient for a. complete, 
or practically complete, deposition of the substance. Electrodepo- 
Silion may occur on the cathode (discharge of metallic ions with 
the deposition of a metal) or on the anode (discharge of anions with 
the formation of the corresponding salts or oxides). Knowing the 
chemical composition of the deposit, one can easily calculate from 
the weight of the deposit the amount of a sought-for constituent 
in the original solution. Since the quantity of electricity consumed 
for the deposition of the substance is not included in subsequent 
calculations, the current efficiency in electroanalysis may not 
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necessarily be equal to 100 per cent. A fraction of the current may 
be consumed for other electrode reactions provided the latter do not 
change the composilion of the deposited metal or loosen it mechani- 
cally, or reduce its adhesion to the electrode. In this connection. 
the wastage of a certain amount of current on the evolution of hydro- 
gen or oxygen can be tolerated. It should however be kept in mind 
that the lower the current yield of the substance to be determined. 
the more time will be required for electrolysis. 

The electroanalysis of solutions containing only one sought-for 
ionic species is carried out at a constant current. As this com ponent 
is deposited and the solution is depleted the electrode potential gra- 
dually changes. At a predetermined current the potential of the 
cathode assumes more negative, and that of the anode more positive 
values. This shift of the potential can be estimated. to a first appro- 
ximation, from the Nernst formula: 


e eo - log e 


where c is the concentration of the unknown ions and the plus and 
minus signs refer, respectively, to cations and anions. If in the 
course of electroanalysis the potential departs from its original 
value. say, by an amount of 35%, i.e.. is about 0.18 V for univalent 
(3 x 0.06) and 0.09 V for bivalent (3 x 0.03) ions. the ratio of the 
initial concentration of the ions to be determined to their concen- 
tration at this moment will be equal to 10°. The extent of deposition 
will in this case be close to 99.9 per cent. and the determination 
error, of the order of 0.1 per cent. Thus. by observing the change 
of the potential, the completion of the deposition process can be 
recognized. In practice, the end-point of the electrolysis is identi- 
fied with the aid of a suitable visual indicator or by special electro- 
chemical methods. 

Klectrogravimetry at constant current is not recommended for 
analysis of solutions containing different ionic species since the 
changing electrode potential may coincide with the deposition 
potential of ions other than those to be determined with subsequent 
codepositon of the former. As a result, the composition of the deposit 
will become indeterminate. In such cases more reliable results are 
provided by another method in which not the current but the electro- 
de potential is kept constant. In this method. a value of potential 
is chosen which provides deposition of only one ionic species. This 
can be done if the composition of the solution being analysed and 
the electrochemical characteristics of the ions present are known. 
For example, if the solution contains cupric ions Cu** and cadmium 
ions Cd?*, whose standard potentials are equal to +0.34 and —0.40 V. 

1) The first method can also yield reliable results if the ions present difier 


markedly in thoir electrode potential or when this difference is increased by bin- 
ding simple ions into complex ions and by adjusting the pH of the solution. 
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respectively, then by maintaining the catbode potential between 
these two values (say, at about +0.20 V) deposition of cadmium can 
be completely prevented and the reaction made to proceed quanti- 
tatively to deposit metallic copper. Once all the copper is deposited, 
one can start determining the amount of cadmium by electrolysis 
al a less positive potential, for example, at —0.5 V; in the same 
way it is possible to determine a larger number of different ions 
present in the solution. The end-point of the electrolysis for each 
ionic species is identified by an abrupt decay of the current. 

Electrical power needed to carry out electrogravimetry at con- 
stant current and at constant potential is supplied by an external 
constant-current source. 

There is also a third electrogravimetric technique known as 
internal electrolysis). In this method, an electrode pair consisting 
most often of a platinum cathode and an electronegative metal 
(e.g. zinc or magnesium) as the anode is immersed in the solution 
to be analysed. On completion of the external circuit through an 
ammeter and a controlling resistance, the anode begins to dissolve, 
passing into solution, and the required deposit forms on the platinum 
calhode; as a result the cell itself starts generating a current. To 
effect internal electrolysis, it is necessary that the electrode poten- 
tial of the ions Lo be determined be more positive than that of the 
melal used as anode. 

Internal electrolysis may be regarded as a modification of the 
electrogravimetric technique at a specified polential, whose value 
is controlled by the choice of anode. The end-point oi the analysis 
in internal electrolysis is the decay of the current indicated by the 
ammeter. 

Electrogravimetry is mainly used to determine the content of 
metallic ions capable of forming a compact, well-adhering deposit 
on the cathode. In many cases use is made of the possibility of 
producing corresponding deposits on the anode. For example, with 
certain conditions observed, lead can be quantitatively deposited 
on the anode as lead dioxide, and halides on a silver anode in the 
form of the corresponding silver salts. 

lu the electroanalysis of most metallic ions use is made of cylindri- 
cal gauze cathodes; platinum cathodes are usually employed, which 
are replaced with mercury cathodes when the content of the ions of 
alkali or alkali-earth metals is to be determined. Anodes are usually 
made of platinum in the form of wire spiral and placed inside cylind- 
rical cathodes. To speed up electrolysis the solution is stirred vigo- 
rously, often by means of a rotating spiral anode. For the same 
purpose the analysis is conducted at an elevated temperature. 


1) This method is also known as spontaneous electrogravimetry or short-cir- 
cuit. electrolusis.— Tr. 
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Electrogravimetric methods are widely used in laboratory work, 
especially in analysis of alloys. They are also employed for separa- 
tion of different substances present in a solution and also as a con- 
centration and beneliciation method. In the latter case electroana- 
lysis is combined with other, more sensitive analytical methods 
(X-ray analysis, polarography. coulometry) replacing chemical 
methods of concentration associated with labour-consuming opera- 
tions of precipitation, filtration and evaporation. 


12.2.2. COULOMETRIC ANALYSIS 

In coulometric analysis. the amount of a substance undergoing 
chemical change is calculated from the measured quantity of electri- 
city (the number of coulombs. hence the name of this method). 
Coulometric analysis is based on Faraday's laws and its application 
is possible only if all the current passed is consumed for the desired 
electrode reaction, i. e., if a current efficiency of 100 per cent is 
mainlained. With this condition observed one can find the amount 
of the sought-for constiluent, m. by measuring the quantity of electri- 
city passed, q: 

m = k4 (12.11) 

In contrast to elecirogravimetry, in coulometric analysis it is 
possible to determine substances not deposited on the electrode but 
remaining in the solution or vented into the surrounding atmosphere. 
Since even negligibly small amounts of current can be measured with 
an insignificant error, coulometry may be regarded as a highly 
sensitive and accurate method of analysis. Coulometry permits deter- 
mination of substances present in amounts of 107!? to 101 g-eg/litre, 
the error being about 1 per cent; when the amount of the substance 
being analysed is of the order of 107? to 107? g-eq/litre, the error 
is 0.1-0.3 per cent. For this reason. coulometric analysis is particu- 
larly valuable for producing ultrapure materials. 

Like electrogravimetry. coulometric analysis is carried out either 
at constant potential or at constant current. depending on the solution 
composition and the possible number of electrode reactions involved. 
The constant-current procedure should be employed when the possi- 
bility of the occurrence of any reactions other than the main reaction 
on the electrode is excluded over a wide range of potentials. This is 
the most accurate and sensitive method of analysis. In constant- 
potential coulometry, the quantily of electricity passed is measured 
by means of a coulometer; in the constant-current method this is 
done by multiplying the current by the time of analysis. 

The following examples illustrate the procedure of coulometric 
analysis. When the acidity of a solution is to be determined, platinum 
electrodes are used; the cathode is immersed directly in the solution 
to be analysed and the anode is separated from it by means of a porous 
diaphragm which provides chemical but nol electrical isolation. 


20—0363 
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A constant current is passed through the solution under test until 
the solution becomes neutral. this being established with the aid 
of an indicator. The quantity of electricity consumed up to the 
neutralization point is then converted to the number of gram-equi- 
valents of hydrogen. Knowing the volume of the original solution, 
one can calculate its acidity. 

To determine cadmium present in a solution together with thal- 
lium, a mercury cathode and a platinum anode are used. The polen- 
tial of the mercury cathode must ensure the discharge of only cad- 
mium ions. The end-point of cadmium deposition is identified by the 
fall of the current to a constant value. The amount of electricity 
passed is found by means of a coulometer in series with the electro- 
lytic cell and then the amount of cadmium in the solution is calculat- 
ed using its known electrochemical equivalent. If the amount of 
thallium in the same solution is also to be determined. the analysis 
is conducted in the same way as for cadmium, with the only diffe- 
rence that the potential of the mercury cathode is shifted to the 
required value. 

The amount of anions (in particular halide ions) in the solution 
can also be found coulometrically. In this case the deposition is 
effected at the anode, using either metals reacting quantitatively 
with anions lo form sparingly soluble compounds. or platinum. on 
which the oxidation of a number of anions can be carried out with 
a current efficiency of 100 per cent. 

The above examples illustrate direct. or primary. coulometry. 
Another method, which has recently been considerably developed, 
is indirect, or secondary, coulometry. in which the titration reagent 
is generated directly within the solution (this method is therefore 
also called coulometric titration with an electrolytically generated 
reagent or internal-generation method). In this case one measures the 
number of coulombs used for oxidalion or reduction of a chemical 
substance. which is added in excess to the solution prior to the 
experiment and is capable of reacting quantitatively with the 
sought-for constituent. 

Many reactions employed for conventional volumetric analysis 
can be used for this purpose. Suppose, for example, that we are to 
determine the amount of thiosulphate. Direct coulometric determi- 
nation by anodic oxidation does not ensure sufficient accuracy since 
this reaction proceeds at a current efficiency lower than 100 per cent 
and is accompanied by oxygen evolution. Thiosulphate can be titrat- 
ed with an iodine solution by addition of a starch indicator or poten- 
liometrically according to the reaction 


2820 -- T; = $,0;- + 21- 


The same reaction can be carried out coulometrically if an excess 
solution of potassium iodide is added to the thiosulphate solution 
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and a current is passed between platinum electrodes immersed 
in the lest solution. The iodide is oxidized at the anode to elementary 
iodine: 
21- = I; + 2e 

which reacts quantitatively with the thiosulphale. Having determin- 
ed the number of coulombs used for the complete oxidation of thio- 
sulphate by iodine. one can calculate the amount of thiosulphate 
present by using Eq. (12.11). Suppose 10 coulombs of electricity 
has been used for the titration of the sample. The electrochemical 
equivalent of thiosulphate in the reaction under consideration is 

Moor 112.13 


I pw -3 «(C 
zF 96.309 — 110 X 10 g/C 


The amount of thiosulphate in the sample being analysed must 


then be 
m = 1.16 x 107? x 10 = 1.16 x 107? g 


The same principle may be used to carry oul cerimetric titration 
of iron (in which anodically-generated ions of tetravalent cerium, 
Ce**, oxidize ferrous ions to ferric), determination of permanganate 
(by reducing it with cathodically generated ferrous ions) and many 
other indirect coulometric analyses. Coulometric titration is instru- 
mentally more complicated than indicator or even potenliometric 
titration. For this reason coulometry finds only limited practical 
use in ordinary chemical analysis. It is advantageous, however, 
when determining microquantities of dissolved substances or carrying 
out automatic titrations. The preparation and use of very dilute 
titrant solutions required for volumetric determination of small 
quantities of dissolved substances involves considerable errors and 
inconveniences. Coulometric titrations do nol require the use of such 
solutions because the substance lo be determined is either transfor- 
med directly on the electrode or titrated with a reagent generated 
electrolytically on one of the electrodes within the test sample. 
In either case the delermination is based on the quantity of electri- 
city consumed; even very small amounts of current can be measured 
with a high degree of accuracy. 

Since all the reactions used in coulometry involve electrons, the 
latler may be regarded as a sort of universal reagent specific for this 
method. 

Coulometry is especially convenient where titration must be 
fully automated since there arise no difficulties usually associated 
with aulomatic control of the delivery of the titrating solution. 
Coulometry also finds use in carrying out various electrochemical 
investigations. In particular, it is employed for determining the 
thickness of metallic coatings, the amounts of oxides or salts formed 
on electrodes, the extent of coverage of metal surfaces with adsorbed 
hydrogen or oxygen, etc. 

20° 


CHAPTER 13 
The Kinetics of Electrode Processes 


13.1. BASIC CONCEPTS 


13.1.1. THE ELECTROMOTIVE FORCE 
OF POLARIZATION 


The passage of an electric current through an electrochemical 
system, or cell, is associaled not only with corresponding chemical 
reactions but also with the change of its electrical characteristics, 
primarily the electromotive force and electrode potentials. as com- 
pared with their initial values in the absence of current. If the electro- 
chemical system is an electrolyser!) (electrolytic cell), the voltage 
across it at a given current intensity will be higher than the rever- 
sible emf of the same system 


Etec) > E, 


Conversely, if an electrochemical system generates a current, i.e., 
is a chemical source of current?—a galvanic cell or accumulator. 


then 
Ego) < E, 


The thermodynamics of electrochemical systems is incapable 
of elucidating the causes of the change of the emf upon transition 
to the irreversible state and ascertaining the relation belween this 
change and the rate of an electrochemical reaction. i.e.. the magni- 
tude of the current (or current densily) passed through the system. 
Resort has therefore to be made to certain assumptions of nonthermo- 


dynamic nature. 


The first assumption concerning the cause of this phenomenon is 
as 


x : the reversible emf and the voltage arises 

1 be EAE poe pe In this case the voltage required lo 
carry out a reaction in an electrolytic celi is cee of the rever- 
sible emf E, (determined by the frec ees md 11 15 poten: 
tial fall in the electrolyte ant at the electroc Pe ohm ee depends 
Oey This assumption explains the cause of an 

on the current density). ce the cell during the passage of a current. 
increase in the voltage acro ple emf of the same system. In a similar 
as compared with the revers! across a galvanic cell when a current 


way. the decrease of the voltage 

— pstance producer (substance-producing device). 
1> An electrochemical SUBSE rgctor.— T. . . 

also known as an electrochemical roguet, (or enero producing device). A fuel 
D An electrochemical enerey y producer. — ^7. 

cell is also an example of such enere 
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is drawn from it may be attributed to the fact that part of the emf 
is consumed to overcome the resistance inside the cell. Ohmic losses 
of voltage are thus one of the factors responsible for the difference 
between the reversible emf and the actual operating potential. 
Experiment however shows that 


Erec > E, + Eonm (13.1) 
and 

Erge < Er — Eonm (13.2) 
Very often 

Er — Hr, > Eonm (13.3) 


The main cause for the change of the voltage across an electroche- 
mical system when a current is driven into or withdrawn from 
it should therefore be sought not in ohmic losses but in the variation 
of electrode potentials with current intensity or density. When a cur- 
rent is imposed upon the cell, the potential of each of the two electro- 
des in the electrochemical system changes so that the voltage across 
the electrolytic cell increases and that across the galvanic cell 
reduces. The total change of electrode potentials on closed circuit 
is called the emf of polarization Ep. If. apart from the ohmic fall 
in voltage, the polarization emf is also taken into account, one can 
write the equations for the cell potential in both cases: 


Erea = Er + En + Ep (13.4) 
Ergo = Er — Eonm — Ep (13.5) 


Equations (13.4) and (13.5) are concordant with experimental 
observalions. 

A rational implementation of an electrochemical process with 
a maximum electrical energy drawn from a chemical source of cur- 
rent (an energy producer) or a minimum amount of electricity con- 
sumed by an electrolyser (a substance producer) is possible only 
when the cause of the formation of the polarization emf is known 
and its nature well established. Since the polarization emf is 
a resultant quantity composed of the changes in the electrode poten- 
tials. it is necessary first of all to study the dependence of electrode 
potentials on current intensity. This task is handled by the kinetics 
of elcclrode processes. 


13.1.2. ELECTRODE POLARIZATION 
The difference between the operating clectrode potential and 
the equilibrium potential is called the electrode polarization, or 
simply polarization, Ae: 
Ae = ei — ex (13.6) 
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The electrode potential er and the polarization Ae are primarily 
functions of the current intensity; in the absence of current they are, 
respectively. equal to er and zero. 

The term electrode polarization is also used when with no external 
current imposed the electrode potential is not an equilibrium value 
but corresponds to the so-called stationary. or steady-state. potential 
e. (see below). The magnitude of the polarizalion is then determined 


y an equation analogous to Eq. (13.6), with the only difference that 
e, is substituted for e,: 


Ae = e, — e, (13.7) 


It is thought at present that the relationships between e, and J and 
between Ae and J are based on the kinetic laws characteristic of 
a parlicular electrode reaction. A Study of the specific features 
of potential-current curves, which are also often called polarization 
curves, is therefore necessary for understanding the nature of electrode 
reactions. The tracing of polarization curves was for à long time 
practically the only method for investigating the kinetics of electro- 
chemical processes; this melhod is still in use. 
Any electrodic process is a complex heterogeneous reaction invol- 
ng a number of consecutive steps. Al some of these Steps the reac- 
lion may take two or more parallel paths. To establish the number, 
nature and sequence of steps making up an electrode process is one 
of the main tasks of electrode kinetics. From chemical kinetics it 
is known that the rate of a multistep conseculive reaction is gov- 
erned by the rate of the slowest of its steps, and that out of a number 
of parallel paths the most probable is the one that is least inhibited. 
he same principles apply to electrochemical processes. The occur- 
Tence of the electrode polarization is therefore directly ocialed 
with the step that determines the rate of the overall process. i.e.. the 
slowest step. The elucidation of the nature of the slowest step (the 
rale-determining step, often abbreviated to rds) constitutes another 
principal task of electrochemical kinetics. On the other hand. the 
occurrence of a new path. which increases the reaction rale. may 
reduce the electrode potential. which may in some cases, for exam- 
ple. when the nature of the electrode process changes. become even 
lower than the reversible. or equilibrium. potential. This fall of 
the electrode potential and the process responsible for it is called 
depolarization. 

The nature and the number of steps of each electrochemical process 
depend on the type of reaction involved. For example, in the electro- 
reduction of trivalent ferric ions to divalent ferrous ions the first 
step of the process is the delivery of the ferric ions to the electrode 
surface (Fig. 13.1). When brought into contact with the electrode 
à trivalent ferric ion acquires an electron; this act of discharging 
gives birth to a bivalent ferrous ion and simultaneously results in the 


vi 
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rearrangement of the hydration sheath. The resulting ferrous ion must 
be removed from the electrode surface to leave a site for the next 


Fig. 13.1. Schematic representation of recharging of iron ions: Fe” . e = 
pes“. The solid arrow indicates the forward process and the dashed arrow, 
the reverse process 


ferric ions to be discharged. The oxidation of ferrous ions proceeds 
through the same steps but in reverse order. 


Fig. 13.2. Schematic representation of tho electrode reaction of evolution and 
dissolution of chlorine: CI- ½Clz. The solid arrow indicates the forward 
process and the dashed arrow. the reverse process 


The first step in the discharge of chloride ions also consists in 
the transport of these ions to the electrode-electrolyte interface 
(Fig. 13.2). Once a chloride ion enters the electric double layer it 
loses its electron and is dehydrated and transformed into a chlorine 
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atom adsorbed on the electrode (the second step). At the third step 
the chlorine atoms formed are recombined into molecules D. The 
chlorine molecules move into the surrounding electrolyte and, 
having formed a saturated solution, escape into the atmosphere 
as gas bubbles (the final step). The dashed arrows in Fig. 13.2 indi- 
cale the steps of the reverse process of ionization of the chlorine gas. 

The cathodic deposition of metallic silver from a solution of its 
simple salt (Fig. 13.3) starts off with the transport of silver ions 
to the electrode surface. Having entered the double layer, the silver 


Fig. 13.3. Schematic representation of the electrode reaction of deposition 
and dissolution of silver: Ag“ + e = Ag. The solid arrow indicates the forward 
process and the dashed arrow, the reverse process 


ions acquire electrons, and are dehydrated and transformed into 
adsorbed silver atoms. While moving on the electrode surface, 
these silver atoms seek the most energetically advantageous site 
to continue the building-up of the silver crystal lattice and become 
altached to this site. It may be assumed. alternatively. that while 
discharging al definite portions of the electrode surface the adsorbed 
(and possibly also partly dehydrated) silver ions are simultaneously 
incorporated into the crystal lattice. 

If the cathodic deposition of silver occurs from a solution of its 
complex salt (instead of a simple salt), say, from a cyanide electro- 
lyte, the electrode process will be more complicated. Indeed, suppose 
(in line with experiment) that the silver ions are present in the 
chosen electrolyte in the form of Ag(CN); anions. In this case the 


1) This stage following the discharge act is a heterogeneous (surface) chemi- 
cal reaction, the rate of which depends on the catalytic properties of the electrode. 
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discharging process may lake one or more of the following paths: 
I. Ag(CN); + e = [Ag] = 2CN- 
II. (a) Ag(CN); = AgCN + CN- 
(b) AgCN -- e = [Ag] -- CN- 
III. (a) Ag(C N): = AgCN = CN 
(b) AgCN = Agt -+ CN- 
(e) Ag* -+ e = lAgl 


Path I is a direct discharge of the complex ion on the electrode; 
it may be broken down into the same principal steps as the discharge 
of hydrated silver ions (see Fig. 13.3). However, in contrast to the 
deposition of silver from simple ions. anions instead of cations are 
discharged in this case and hence the effect of the potential and 
charge of the electrode on the discharge act must he different. Besides, 
the discharging process gives rise to excess cyanide ions and, along 
wilh the ion transfer to the electrode, there appears another step. the 
removal of CN- ions from the electrode surface. 

Paths 11 and III involve partial or complete dissociation of the 
complex ion, i.e., a purely chemical step taking place in the bulk 
of the solution. The homogeneous chemical reaction produces par- 
ticles which are discharged at the electrode. i.e., this reaction prece- 
des the discharge step. Path II is characterized by the discharge 
of neutral particles, and path III by the occurrence of two purely 
chemical steps; the final step (b) of path III must proceed according 
to the scheme shown in Fig. 13.3. ‘hese two paths also require the 
removal of excess CN- ions from the electrode surface. 


13.4.3, CLASSIFICATION OF POLARIZATION 
PHENOMENA 


The examples just discussed do not cover all diverse types of 
electrode processes. Nevertheless, they give a sufficiently clear idea 
of the nature of the steps constituting the overall electrode process. 
and can be used as a basis for classifying polarization phenomena. 
It should be noted that, although the kinetics of electrode processes 
underlies practically all industrial applications of electrochemistry 
and is therefore the central topic which is being most thoroughly 
elaborated by electrochemists, (here is as yet no generally accepted 
and unified lerminology in this field, in contrast to the theory of 
solutions (ionics, as it is sometimes called). In this connection, the 
nomenclature proposed by Bonhoeffer, Gerischer, and Vetter in 
1950 and thoroughly elaborated by Vetter in 1961 is of interest. 
The classification of the processes and phenomena treated by elec- 
trode kinetics, which is adopted in this book, is consistent with 
the terminology traditionally used in the Soviet electrochemical 
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literature. At the same lime it includes some elements of the nomen- 
clalure proposed by Bonhoeffer and his coworkers. 

By the net or overall electrode reaction is meant the entire process 
of transformation of initial substances (reactants) into final products 
under the effect of an electric current. For example, the overall 
‘cathodic reaction in the deposition of metallic silver from the com- 
plex cyanide ion Ag(CN); should be written as follows: 


Ag(CN); + e = [Ag] + 2CN- 


Individual or partial electrode reactions correspond to chemical 
(electrochemical) transformations which combine in the overall 
electrode reaction). If the cathodic deposition of metallic silver 
from the cyanide complex proceeds by path I, the partial electrode 
reaction will coincide with the net reaction. If the same process 
occurs according to path II or HI, the overall electrode reaction 
will be composed of two or three partial reactions. respectively. 
At least one of the partial reactions must involve electrons. i.c.. the 
gain or loss of electrons by the reactants. The electroreduction 
(or oxidation) of polyvalent particles may involve several discharge 
or ionization steps. [n view of this. a distinction should be made 
in the general case between the number of electrons z participaling 
in the overall reaction and the number of electrons z; taking part 
in the ith partial reaction. 

The electrode polarization Ae is the deviation of the operating 
potential (i.e., the potential in the presence of a current) from its 
equilibrium e, or stationary e, (in the absence of an external cur- 
rent) value irrespective of the cause responsible for this devialion. 
‘Since the potential is displaced to the negative side when a cathodic 
current is imposed upon the cell and to the positive side when an 
anodic current is applied. the cathodic polarization is always negalive 

Ae, e — e, <0 
or 
Ae, =e; — e, <0 
and the anodic polarization always positive 
Je = & —e,>0 
or 
Ae, =e; — £, 7» Ü 
While no doubt arises as regards the sign of the electrode polarization. 
the question of which sign should be assigned to the cathodic i, 


D The sum of overall electrode reactions for the two electrodes of a particular 
electrochemical system yields the overall reaction of the System as a whole. 
Its equation does not include electrons since each of the two electrode reactions 
involves the same number of electrons, but while at one electrode electron: 
are accepted by particles (ze = =), at the other they are lost (z, = —:). 
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or anodic i, current has not yel been resolved unambiguously. 
In accord with the spirit of the Stockholm convention on electrode 
potentials the cathodic current is considered positive and the anodic 
current negative. 

As noted earlier, the rate-delermining step (rds) of the overall 
electrode process is called the inhibited or limiting step. The slow 
rale of any slep is directly responsible for electrode polarizalion. 
If the nature of the inhibited step, which is the cause of the polariza- 
tion. is known. the term electrode overpotential or simply over- 
potential q is preferred to polarization. 

Thus, the overpotential is an electrode polarization caused by the 
relarded occurrence of quite a definite step of the nel electrode 
reaction. The term overpotential is very often used in combination 
with the name of the principal reactant of the reaction the polariza- 
tion of which is being studied. For example. the terms hydrogen 
overpotential and metal overpotential mean that one is speaking 
of the polarization specific for a given reaction and not of the diffu- 
sion overpotential. 

There are various types of overpotential, depending on the nature 
of the retarded reaction step. As follows from the above examples, 
one of the necessary steps of any electrode process is the transport 
of the reactants to and from the electrode-electrolyte interface. 
If this step proceeds slowly, i.e., is inhibited, the concentrations 
(or activities) of all or some of the reactants near the electrode will 
change as compared with their initial concentrations (or activities) 
owing to the passage of a current. Since the electrode potential is 
governed by the solution composition near the electrode surface, 
the change of the solution composition will alter the potential, 
i.e.. the electrode will become polarized. The slow rate of a purely 
chemical reaction preceding or following the act of discharging 
also results in a change in the activities (or concentrations) of the 
reactants near the electrode surface, which causes the corresponding 
changes in the electrode potential, i.e.. the polarization of the 
electrode. The polarizalion arising from the relarded ion transport 
and chemical transformation steps may be called the concentration 
polarization Ae.. A special case of concentration polarization where 
all the steps of the electrode process, except the transport of reac- 
tants. proceed reversibly corresponds to the transport overpotential 
or (less rigorously) to the diffusion overpotential ņa. Another special 
case of concentration polarizalion occurs when all the steps of the 
electrode reaction. except the chemical transformation. proceed 
reversibly. This type of concentration polarization is called the 
chemical ùen or reaction overpotential n.. 

As already noted. any electrode process involves at least one step 
associated with the transfer of charges across the electrode-electro- 
lyle interface. The electrode polarization caused by the slow rate 
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of this step may be called the electrochemical overpotenlial n. 
because it is precisely this charge-transfer process that is the electro- 
chemical act proper. This type of overpolential is often also called 
the retarded discharge or transition (or electron-transfer) overpo- 
tential. And, finally, the overpotential observed when the inhibiled 
step is the incorporalion of metallic ions into the crystal lattice, 
or their separalion from it, and also when the slow step is the trans- 
formation of one modification (less Stable) into another (more stable 
under given conditions) may be called the phase overpotential npn. 
Changes in the concentration taking place near the electrode surface 
are but of secondary importance for the occurrence of the electro- 
chemical and phase overpotentials. Of much greater importance 
in this case is the change in the activation energy of the corresponding 
process. The electrochemical and phase overpotentials are there- 
fore often collectively termed the activation polarization Seac- 
In the general case, the deviation of the actual operating electrode 
potential from the equilibrium value is the result of superposition 
of all the types of overpotential, i. e. 


Ae, = "a n + Ne + Npa (13.7) 
or 


Ae, = Ae, + Ae, (13.8) 


There are, however, such electrode Processes and conditions in which 
one type of overpotential predominates. 

The subdivision of polarization into concentration and activation 
polarizations is somewhat arbitrary. Thus. the phase overpotential 
referred to activation polarization is essentially dependent on the 
concentration of intermediate particles and in this sense it may 
be related to concentration polarization. The rate of the purely 
chemical reaction step is also determined by the corresponding 
value of the activation energy. The chemical or reaction overpoten- 
tial defined above as a special case of concentration polarization 
may also be included. on certain grounds. in the activation polariza- 
tion. The overpotential caused by the slow chemical reaction step 


is therefore a sort of an intermediate link between the concentration 
and activation polarization. 


CHAPTER 14 
Concentration Polarization 


The slow rates of transport and purely chemical transformation 
lead to changes in the concentration of the reactants near the electro- 
de b. This results in a change in the equilibrium electrode potential. 
thus giving rise to concentration polarization. Besides, the concentra- 
tion of the particles taking part in other steps of the electrode process 
(say. in the discharge step) also undergoes a change, a fact that 
should be taken into account in considering the kinetics of these 
steps. The effect of concentration polarization on the kinetics of the 
entire electrode process and on the magnitude of electrode potential 
in the presence of current may be disregarded only at low rates 
of the electrochemical reaction, i. e., at small current densities. 
Conversely. at high current densities the transport step may control 
the rate of the overall electrode process. 


14.1. DIFFUSION OVERPOTENTIAL 


14.1.1. THE CONCEPT OF DIFFUSION 
OVERPOTENTIAL 


The diffusion overpotential na is the deviation of the electrode 
potential under the applied current from its equilibrium value 
caused by the slow occurrence of the transport of reactants to or 
from the electrode surface. 

If the other steps of the electrode reaction proceed reversibly 
or al rates incomparably higher than the rate of the transport step, 
then all the changes in the electrode polential due to the passage 
of a current i may be identified with diffusion overpotential. In this 
case Eq. (13.6) becomes 

Ta = 8B: — e, (14.1) 


Here the shift of the potential from the reversible value however 
results exclusively from concentration changes, and the irreversible 


D The expression “near the electrode" refers to the layer of solution which is 
adjacent to the electrode surface and is directly drawn into the charge-exchange 
between electrode and solution, i.c., determines tho electrode potential. 
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electrode potential e; may therefore be regarded as a new value 
of the equilibrium potential, e;, which differs from e, only in that 
now il corresponds lo other concentrations or, more precisely. other 
activities of the reactants. In other words, the diffusion overpolen- 
tial, as a quasi-equilibrium phenomenon, may be described by 
purely thermodynamic means. In this case only the inilial and 
final states of a system are essential, while the transient stage and 
the mechanism underlying this transition are of no significance. 
Suppose that the following reaction proceeds at the clectrode: 


vAÀ + vpB + eae + zF = vLL + vuM SA en hie (14.2) 


the activities of the respective substances being equal lo 24. ap, 
ar and ay. The electrode potential will then be given by the equation 


When a current i is imposed on the system. 
tion near the electrode begins to change and after a definite period 
of time, when a stationary state is reached, the activities of the 
reactants in the solution layer in the immediate vicinity of the 
electrode assume new. constant values, QA. Gp. ay, and ay. The 
equilibrium potential e; will now be described by the following 


the solution composi- 


equation 
n3 Di 
RT. a Aa 
er = E75 In ~_B_ (14.4) 
2 a! Lg!" M 
L N 


Substitution of Eqs. (14.43) and (14.4) into Eq. (14.1) yields the 
general equation for diffusion overpotential: 


: " uw YR E 
Na eier ee f In aaia) À (avian) P SL ER (14.5) 
(aL/ay) L (a/an) M 


If the stoichiometric numbers of the reactants 


and those of the products negative values, Eq 
len in the form 


are assigned positive, 
- (14.5) may be rewrit- 


" 


ne= Lx, ln a (14.6) 


Thus. in order to write the equ 
is only necessary to know 
ple, for the reaction 


alion for diffusion overpotential it 
the overall electrode reaction. For exam- 


Fe + e Fe- (14.7) 
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Eq. (14.5) simplifies to 


RT apes- Ja pese 

m= p IS apes (14.8) 
Fete!" Fe2+ 

In the cathodic process (reduction of ferric ions lo ferrous ions} 
arts. < apear aper > Gp and the cathodic diffusion over- 
potential is negative. In the anodic process (oxidation of ferrous 
ions to ferric ions) afe >> afer. por < pers and the anodic 
diffusion overpotential is positive. 

The diffusion overpotential accompanying the reaction 


Ag +e = Ag! (14.9) 
is given by the equation 
RT nm 
zl» 14.10) 
Na= F In arg ( ) 


and that associaled with the reaction involving complex silver ions 
Ag(CN)z + e = [Ag] + 2CN7 (14.11) 


is described by the following equation 


LRT, Sager?! AEN) 14.12) 
N n (acx-Iacx-)* (14.12) 


In all these cases the change in the electrolyte composition near 
the electrode will be such that the value of difusion overpotential 
will be negative during cathodic polarization and positive during 
anodic polarization. For instance, when reaction (14.9) proceeds 
in the cathodic direction, the solution near the electrode is depleted 
in silver ions (aAg- < aag and nate) < 9). Conversely. if the 
same reaction proceeds towards the anode. the concentration of 
silver ions near the electrode increases (d: >> Gags and na) > 0). 
Such changes in the solution composition were first experimentally 
observed by Samarisev (1932-34). who used a modified interfero- 
metric method. Later other methods were also used to study the slate 
of the electrolyte near the electrode as a function of the polarizing 
current. Among these methods were so-called schlieren microscopy 
and observations of suspended particles whose distribution is depen- 
dent on the density of the solution and hence on ils concentration 
and also on the pattern of motion of the liquid. The experimental 
evidence so obtained served as a qualitative confirmation of the 
general equation for diffusion overpotential. It should be stressed 
however that Eqs. (14.5) and (14.6) have been derived on the basis 
of general thermodynamic principles and cannot therefore reflect 
the kinetics of the process, i.c., they do not enable one to establish 
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a relation between the diffusion overpotential (a measure of the 
irreversibility of the process) and the current intensity (a measure 
of ils rate). To solve this problem, certain assumptions have to 
be made as to the nature of the transport step and the structure of 
ihe boundary layer within which this process takes place. 

The transport of reactants to the electrode surface and from the 
zone of the electrode reaction in the absence of intermediate chemical 
transformation is accomplished in three ways: migration, molecular 
diffusion and convection. 

Migration or ionic conduction is the movement, or drift, of ions 
(or other charged particles) under the influence of an electric field 
gradient (potential gradient) —di/dz arising in the electrolyte on 
passage of a current through the electrochemical system. The migra- 
tion of ions was discussed in Chapter 4, where it was shown that the 
direction of the movement of an ion / in an electric field is determined 
by the sign of its charge z; and the migrational velocily depends 
on ils transport number £, under given conditions. Since ¢; = 2/X7, 
it follows that in the presence of an excess of extraneous ions (i.e., 
an indifferent electrolyte which does not participate directly in the 
electrode reaction) the transport number of the given ionic species 
tends lo zero. and the contribution of ionic migration to the overall 
process of transport may be neglected. 

Molecular diffusion is the displacement of particles under the 
action of a chemical-potential gradient —du'dz or, loosely speaking, 
a concentration gradient —de/dz. arising in the solution owing to 
its qualitative and quantitative inhomogeneity. Molecular diffusion 
has already been considered in Chapter 6, where Fick's laws describ- 
ing this process were derived. 

Convective diffusion is the transport of solute particles together 
with the stream of a moving liquid. The flow of the liquid either 
occurs spontaneously, if there is a difference in the density of the 
solution in its different parts, i.e., if there is a density gradient 
—dp/dz (natural convection), or is induced by stirring and circula- 
lion (forced convection). 

Migration, diffusion and convection may be superimposed in 
different ways during the transport process, depending on the direc- 
lion of the reaction (cathodic or anodic). the charge sign of the 
particles involved (cations, anions, or uncharged entities) and their 
role in the electrode reaction (whether they are reactants or pro- 
ducts, participate directly in the charge exchange with the electrode 
or indirectly. as, for example. ligands of complex particles). 

Figure 14.1 shows schematically how these three transport processes 
are superimposed during the cathodic reduction of cations, anions 
and molecules in solutions containing no excess of extraneous electro- 
lyte. In the reduction of positively charged particles (Fig. 14.1a) 
their transport towards the cathode is accomplished by migration, 
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diffusion and convection, they all occurring in the same direction. 
In the reduction of anions (Fig. 14.15) they are transported to the 
cathode by diffusion and conveclion and removed from the electrode 
surface by migration. In the reduction of uncharged particles 
(Fig. 14.1c) no migration occurs. In anodic oxidation tlie transport 


dz A 
- da — 2 
ar y 
-4 — 
dz 
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Fig. 14.1. Transport of particles to the cathode surface in the absence of extra- 
neous (indiflerent) electrolyte: 
a—cations; b—anlons; c—uncharged particles 


of cations to the electrode is opposed by migration. and the anions are 
transported by migration, diffusion and convection; in the case 
of oxidation of organic substances only diffusion and convection are 
involved in the transport process. 


14.1.2. THE THEORY OF DIFFUSION OVERPOTENTIAL 
NEGLECTING CONVECTION 


In ihe first quantitative theory of diffusion overpotential develo- 
ped mainly by Nernst and Brünner at the turn of the century (1888- 
1904) only the migration and dilfusion of ions are taken into 
account. 

In this theory it is further assumed that all the changes in the 
electrolyte composition are confined to a narrow solution layer 
adjacent to the electrode, i. e., to the diffusion layer ô. This layer 
is supposed to be stagnant. It is not involved in the motion of the 
liquid taking place within a given system. The Nernst-Brünner 
diffusion-layer model is schematically shown in Fig. 14.2. The 
change in the concentration of the electrolyte, one of the ions of 
which takes part in the electrode reaction, occurs in this layer linear- 
ly from a certain value co, corresponding to the bulk concentration. 
to c near the electrode (in Fig. 14.2a, to c, since a cathodic process 
is considered). Thus, the concentration gradient determining the 
diffusion rate is equal to (co — c,)/6. Finally. in this theory it is 
tacitly assumed that the concentrations and activities are equal 
(although no explicit assumption was made by the authors of the 


21—0363 
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theory since the concept of activity was unknown at the lime) and 
thal the transport numbers are independent of the solution composi- 
tion. The latter assumption is justified only in the case of solutions 
containing a binary electrolyte where the mobilities of the compo- 
nent ionic species are almost equal (see Tables 4.2 and 4.2). The 


ó 5 81 
Hte — — E 
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Fig. 14.2. Variation of liquid velocity u and concentration c near the cathode 


surface: 


a—according to Nernst and Brünner: b—according to Levich 


basic propositions of the Nernst-Briinner theory of diffusion over- 
potential may therefore be conveniently illustrated by considering 
the following system 

Ag/AgNO ;/Ag 


made up of two silver electrodes and a solution of silver nilrale— 
a binary electrolyte. the transport numbers of whose components 
are almost independent of concentration, 

Suppose that a current flows through the electrolyte of the chosen 
system from left to right. The left electrode is then the anode, and 
silver dissolves. forming ions. while the right electrode is the cathode 
at which silver ions are discharged lo form metallic silver. lf a quan- 
lily of electricity equal to one faraday is passed through the system 
and a current efficiency of 100 per cent is maintained. one gram-ion 
of silver ions will be transported from the solution to the electrode. 
The time t taken by this process is given by the equation 


=> 


I 


lience, as a result of the electrochemical process the concentration 
of silver ions near the cathode decreases at the rale 
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At the same time, one faraday of electricity will carry t+ gram-ions 
of silver from the solution to the electrode. The rate of increase of the 
silver-ion concentration near the cathode owing to transport at 
a current intensity J is equal to 


uo, 1 

ua 77 
Usually £j « 1 and the loss of silver ions as a result of discharge 
cannot he compensated by migration. The associated decrease of the 
concentration down to c, in the region around the cathode as compar- 
ed with the concentration co in the bulk of the solution sets up 
a concentration gradient and results in diffusion to the electrode 


al the rate 
co — ec 
A.Q $ 


where X, = diffusion coefficient of silver ions 
Q = macrosurface area of the electrode-electrolyte interface 
equal to the geometrical dimensions of the electrode. 
When a stationary stale is reached. a state to which there corresponds 
quite a definite concentration ce dependent on the current intensity, 
the rates of transport of silver ions from and to the near-cathode 
layer are equalized, i.e., 
I I — " 
T E =0 (14.13) 
Using Eq. (14.13). one can find the concentration c, near the cathode 
al a current intensity Z or al a current density i = TQ: 


1—1,)6 1—1,)9 . 
co cg — SEES sac (14.14) 


Equation (14.13) can also be used to calculate the current den- 
sity i. which corresponds to the concentration e- in the region around 
the cathode: 


: 1 — ce = 
i= FA ay (14.15) 


Substitution of the values of c, = de from Eq. (14.14) into 
Eq. (14.10) and replacement of das- by cofo gives 


RT 1— 0 8 „% 
eu inf 1— Ge i d 
or, at fe = fo. in accordance with the assumption made earlier, 
RT (1d; 
ew - Inf — 52:295 1] (14.16) 


21* 
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For a binary electrolyte, MA, whose ionic charges are equal lo z 
Eq. (14.16) may be written thus 


RT t.) ö. = 

a= Sp Inf 1— Cz] (14.17) 

Analogous reasoning for the anodic process leads to the equations 
RT , (0—1)6 ^ ; 

a= F ln 1 5222.1] (14.18) 

for the formation of univalent ions and 

RT | I-46 . 4 

a= f In [1 +E i] (14.19) 


for the formation of cations of charge z. 

Taking into account that in the second term of the logarithmic 
expression the factor before the current density is independent of 
the latter and is constant for a given electrode reaction and tempera- 
ture, Eqs. (14.16) to (14.19) may be rewritten in the form 


na = 5T In (1 + hai) (14.20) 
where P 
{—t, 
ka= Gee (14.21) 


In Eq. (14.20) the minus sign refers to the cathodic and the plus 
sign to the anodic process. 

By using electrode balances one can obtain equations relating 
the diffusion overpotential to the current density for more complica- 
ted electrode reactions as well. An expression analogous to Iq. (14.20) 
obtains for each jth participant of the electrode reaction: from the 
general equation for the diffusion overpotential (14.6) it clearly 
follows that here the logarithmic expression is raised lo a power 
of v; corresponding to the stoichiometric number of the given ionic 
Species, i.e., in the general case 


ne= 57 Lv, in (i + kai) (14.22) 
The right-hand side of Eq. (14.22) may be expanded into a series 
na — AT Evj In (1 + jai) = + I Ev, jkai — 
RT N 1 RT 
— oF Tv, (sal)? 4 x TE Ev, (shai? i- hn 


and as na O and i — 0 all the terms higher than the first may 
be eliminated: 


RT 
ME + 2 Ev (14.23) 
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In this case the diffusion overpotential is a linear function of the 
current density. The derivative 


d RT 

(Gi) e & 26 L/ jka= Ra (14.24) 
10 

has the dimensions of the resistance and is called the polarization 

resistance Ra at diffusion overpotential; it is determined by the 

stoichiometry of the electrode reaction and by the limiting current 

density. 

With increasing cathodic current density the diffusion overpoten- 
tial will gradually increase until the product j&ji approaches unity. 
Under these conditions even an insignificant additional increase 
in the current density shifts the potential in the negative direction 
and at jk4i = 1 the cathodic diffusion overpotential will adopt 
an infinitely large negative value, ed = . The current density 
corresponding to these conditions is called the limiting cathodic 
diffusion current density: 


alan = 3g, (14.25) 
The limiting cathodic current density is reached when the near- 
cathode electrolyte layer is completely depleted in the ions, i.e., 
at c, = 09. This follows from a comparison of the equation 


OS ia 1 E 
diy = Jka = FAs KETA] a S (14.26) 


resulting from Eqs. (14.21) and (14.25) with Eq. (14.15) rewritten 
for ions of valency z as follows: 


1000 2A. 75 . (14.27) 


It is not difficult to see that at the limiting current density the 
concentration gradient 


dr 6 

and. consequently. the diffusion rale reach the highest value. Further 
rise of the current density is impossible, and so the diffusion limits 
the rate of the electrode reaction. The shift of the potential observed 
al the limiting current density may however induce a new cathodic 
reaction, the reversible potential of which is more electronegative 
than that of the initial reaction, and thus further increase of the 
current density becomes possible. 


D This inference can also be made on the basis of the general equation for 
the diffusion overpotential (14.6). Indeed, if in the numerator of Eq. (14.6) 
the activity of any one of the reacting species is taken as equal to zero, the over- 
potential will assume an infinitely high negative value. 
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From Eqs. (14.26) and (14.27) it follows thal 


die | fac 6e p 
FUTT ys co co (14.25) 
or . 
1 i 
co aito (14.29) 


The use of these relations in conjunction with the basic equation (14.6 
enables one lo obtain in a straightforward way the relationship hot. 
ween diffusion overpolential and the current density. Clearly, in 
place of Eq. (14.20). one can write for the cathodic process: 


D - Tin (1 : ) 49 

Pu zF ditte) (1 1.30) 

which permits calculation of the diffusion overpotential y at any 

current density i if the limiting current density aito is known, 

The equation for the anodic diffusion overpolential in its simplest 
form 


alae 27 In (1 kai) 


shows thal aa increases monotonically with increasing current 
density and therefore. in contrast to the cathodic process, in this 
case the limiting current densily should not be reached, as might 
appear at first glance. Experiment shows however that for anodic 
dissolution of a metal the polarization curve exhibits a section 
of limiting current and sometimes. afler a cciinite polential is 
allained, even a fall of the current density. One of the causes of this 
discrepancy between theory and experiment is :sxocialed with the 
assumplions made in considering electrode reactions. in particular. 
with the assumplion that free ions are formed in anodic dissolution 
of a metal. e.g. silver. In actual fact all the ions are more or less 
hydrated. With account taken of the hydration of ions. reaction (14.9) 
must he rewritten in the following form 


Aga, + e = [Agl - n, H.O (14.31) 
where Agig are hydrated (aquated) silver ions, the primary hydra- 
tion sheath of which contains n, water molecules. The general equa- 


lion of the diffusion overpotential (14.5) for this Particular case 
should now be written thus 


RT 4 e (aq) A Ag: (aq) 
Wu = ln a a 
(4110/10) 


F (14.32) 


and electrode balances should be drawn up for each of the reactants- 
the Agag ions and water molecules. For silver ions the balances for 
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reactions (14.9) and (14.31) are the same. In drawing up a balance 
for water molecules one should take into account only their binding 
to ions in the course of the electrode reaction proceeding al the rale 


I 
u- 


and diffusion. the rate of which is equal lo 
Au. lo 12 
1,08 —  - 


Being uncharged particles. water molecules do not migrate and 
their transport together with the silver and nitrate ions may be 
ignored al a first approximation. When a stationary stale is allained. 


1 c0 — € Ha 
n. A A102 —9- e — 0 


or 
o npô . 423 
C1120 = CHO — pa — i (14.33) 
1120 
& T : ES j ; 
Substitution of  4CAge(ag) = Car (0 7 Fy! for aan eq 


and of ci from Eq. (14.33) for airo in Eq. (14.32) vields 
fie G ‘| 

RT, Il. FA chg- (ag! 
and F In ub Ta "b VU 

pu M 

FA\.0°1120 ) 


(14.34) 


It follows from Ed. (14.34) that when increasing the current 
density can reach a limiting value corresponding to 


0 
: HzO 25 
ditun = FAO $2, (14.35) 


This limiting value is attained the sooner the higher the hydration 
number z, of the aqualed silver ions formed and il must correspond 
to such a state of the electrolyte in the region around the anode 
when practically all the water is bound to the ions. 

Similarly. for the reaction 


Ag(CN); + e = lAgl -+ 2CN7 
proceeding from right to left the following equation can be obtained: 


par (14.36) 


> 


RT 
alla 7 7g In Is 
t -——) 
d'ha 
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which also indicates that the anodic limiting current density can 
be attained. Its magnitude 


2 FA. 
dien = 306—138 (14.37) 


corresponds to the complete depletion of the near-anode layer in 
CN- ions. 

It should be pointed out however that often, even before the 
limiting current density is attained, the concentration of the result- 
ing substance in the region around the anode reaches its solubility 
limit, c,, i.e., the solution becomes saturated. Further increase of the 
concentration is impossible, the concentration gradient attains its 
maximum value, (c, — co) / ö, and consequently the anodic current 
density cannot be expected to increase either. The metal salt may 
begin to deposit from the saturated solution on to the electrode sur- 
face. Since the electrical conductance of most solid compounds is small, 
there will be a noticeable fall of the potential in the deposited salt. 
The appearance of an apparent limiting current density is often due 
to the formation of surface compounds with the parlicipation of 
oxygen. In all these cases the shift of the potential to the positive 
side may even be accompanied by a decrease in the anodic current 
density. These phenomena constitute the various forms of transition 
of a metal into the so-called passive stato. 

Thus. the diffusion overpotential is determined primarily by 
the limiting current density gi or by the constant ky. According 
to the Nernst-Brünner theory and to Eq. (14.26), the limiting current 
density depends mainly on the diffusion coefficient of the correspond- 
ing particles, \,, their charge zj and initial concentration c3 (or. what 
is the same thing, their concentration beyond the diffusion layer) 
and the diffusion-layer thickness 8. As has already been noted, the 
transport numbers of a given ionic species, Lj, can be reduced to zero; 
besides, no migration occurs in the case of uncharged particles. The 
diffusion coefficient can either be calculated or taken from ex peri- 
mental data; the initial concentration c? can also be easily determin- 
ed. The least definite quantity is the diffusion-layer thickness which 
cannot be calculated within the framework of the Nernst-Drünner 
theory. [t is determined experimentally, most often from measure- 
ments of the limiting current density. Experimental evidence shows 
that ö depends very little on the solution composition but changes 
perceptibly when the regime of electrolyte motion is changed. This 
relationship can be expressed by the empirical formula 


de = do- (4.38) 


where o = angular velocity of the rolating electrode equal to 
2am (m is the number of revolutions of the rotating- disc 
electrode per 1 second) 
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So = diffusion-layer thickness at an angular velocity equal 
to unity 
n = a number close to 0.5. 

The diffusion-layer thickness determined experimentally ranges 
from 10-? to 107? cm depending on the rate of agitation. These values 
of 6 are incompatible with the assumption of complete immobility 
of the solution in the diffusion layer. Indeed, in this case the forces 
arising between the electrode and the solution and responsible 
for the retarded motion should have extended over hundreds of 
thousands of molecular layers, which contradicts all the available 
evidence on the nature of intermolecular forces and is inconsistent 
with the results of electrokinetic investigations. 


14.1.3. THE THEORY OF DIFFUSION OVERPOTENTIAL 
COVERING CONVECTIVE DIFFUSION 


Despite the obvious drawbacks of the Nernst-Brünner theory— 
the impossibility of the theoretical calculation of the limiting 
current density, the physical incongruity of the diffusion-layer 
model nearly 40 years elapsed until a new, more perfect theory 
of the diffusion overpotential was created. Advances in this line 
have been achieved owing to the application of the basic conceptions 
of bext and mass transfer, particularly the laws of hydrodynamics, 
to dilfusion phenomena. 

‘This new theory of diffusion overpotential has emerged from the 
contributions made by many scientists, especially by Levich (1942- 
1950). The underlying principle of this theory is that the stagnant 
layer is actually the layer immediately adjacent to the electrode 
suríace and having a thickness of several atomic diameters. i.e.. 
incomparably less than that of the diffusion layer. Both within 
and beyond the diffusion layer the solution is not at rest. The velocity 
of its motion (flow rate) changes on approaching the electrode from 
u = u in Lhe bulk of the solution to u = 0 on the electrode surface. 
The change of the flow rate occurs in a certain layer called the 
boundary layer s or the Prandtl layer Sp,. The transfer of motion 
from one layer to another is determined by the kinematic viscosity 
of the liquid, v, which is the ratio of its viscosity y to its density f: 


v=} (14.39) 
p 

For most solutions v is of the order of 107? cm? sec^!. The transport 
of the solute from layer to layer, i.e., its diffusion, is determined 
by the diffusion coefficient A, which is usually of the order of 
10 em? sec-!. Thus, the transfer of motion is more effective than 
the transport of the solute by diffusion and therefore at comparable 
values of Au and Ac the velocity gradient may be lower than the 
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concentration gradient, i.e., the thickness of the Prandtl layer must 
be greater than that of the diffusion layer. 5p, > ô. It has been 
shown that these quantities are interrelated by the equation 


&;- (5) (14.40) 


In other words, the diffusion-layer thickness is approximately 
one-tenth of the Prandtl layer thickness 

ô= ()* ae (ez) 65s (14.41) 
In the layer ö the solution is not at rest, but its flow rale varies 
linearly, as a first approximation, with distance from the electrode 
surface. 

The relationship between ô and 65, and also the variation of 
u and c with distance from the electrode are shown schematically 
in Fig. 14.20. The value of ö is governed not only by the velocily 
of the liquid but also by the geometry of the electrodes and of the 
system as a whole and by the method employed to induce the flow 
of the liquid. 

For the case of natural convection due to the concentration gra- 
dient and hence to the solution densily gradient. similar equations 
have been derived by a number of workers (Levich. Agar. Wagner, 
and others) for a vertical plate electrode. which is very often encount- 
ered in electrochemical practice (e.g. in stationary electrolytic cells. 
storage batteries): 


H 1 Avi l; 17 49 
ô; *I dp Meg eee 
p ae 


The equations obtained differ slightly only in numerical value of the 
constant K. which may be taken. on the average. as 0.6. In Eq. (14.42) 
h is the distance reckoned along the vertical from the lower edge 
of the electrode (see Fig. 14.3a). p the density of the solution, g the 
acceleration due to gravity. and Ac is the difference in concentration 
within the diffusion layer à. Equation (14.42) shows. in parlicular. 
that for a given system 6 is a function of the distance from a given 
point on the electrode to its lower edge. i. e., a function of the elec- 
trode height. With increasing distance from the lower edge the 
value of ö increases proportionally to A. while the current density 
and the limiting current density decrease accordingly"); 


1 dp 17 


D At the limiting current density Ac = c since c. = 0. 
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From Equation (14.43) il follows that under natural convection 
the limiting current density. in contrast to the Nernst theory. beco- 
mes dependent on the diffusion coefficient to the power of 3/4 and 
also on the concentration to the power of 5/4. These corollaries from 


Fig. 14.3. Some practically important cases of convective diffusion: 


a—vertical plate (the cathode under conditions of natural convection); b—horlzontal plate 
(cathode) along which a liquid flows; c—rotating-dise electrode 


Eq. (14.43) were contirmed recently hy direct experimental obser- 
valions. 
Another special case of importance is the laminar flow of a liquid 
flowisg onto a plate electrode from one side (Fig. 14.30). 
In ihis ease. according to Eucken and Levich, o is given by the 
equation 
Ò cs Bat unii ea (14.44) 


where œ = distance along the horizontal from the electrode edge 
onto which the solution flows 
uo = rate (velocity) of the liquid flow parallel to the electrode 
plane at an inlinilely large distance from it. 
Equation (14.44) agrees with the experimentally found relation 
belween the diſfusion-laxer thickness and the rate of stirring. For 
the limiting current density at a point z under the given conditions 


T l 2 wad ; A 
% Fux Ac 12 (14.45) 


* 


In this case the dependence of limiting current density on diffu- 
sion coeflicient is also found to be different from that in the Nernst- 
Brünner theory. 

A third case of convective diffusion occurs when a rotating-dise 
electrode is used (see Fig. 14.3c). A specific feature of the rotating- 
disc electrode (as indicated by Levich) is the constancy of the diffu- 
sion-layer thickness al any point of its surface provided that ö < r 
(r is the radius of the disc electrode). The equation for the diffusion- 


332 Part Five. Nonequilibrium Electrode Processes 


layer thickness under the conditions of laminar Dow 


ô 1.610 ν (14.46) 


is therefore valid for any point on the disc electrode and for the 
electrode as a whole. 

The limiting current on the rotating-disc electrode is described 
by the equation 


dii = 0.622F Use Ve A Vie, (14.47) 


Still another important case—the dropping mercury electrode— 
will be treated later on in the section on polarography. 

The conditions of convective diffusion are found to be much more 
complicated in the case of turbulent flow. No sufficiently detailed 
quantitative theory exists so far and the discussion of this question 
would hardly be expedient within the scope of this textbook. 

All the equations given in the present chapter refer to the diffu- 
sion overpotential under stationary conditions, i.c.. when the con- 
centration gradient is time-invariant and the diffusion-laycr thick- 
ness has attained a constant value. The time required for such a sta- 
tionary state to be reached is very short, but it is finite and depends 
on a number of factors, primarily on the current density and the 
electrolyte concentration. The treatment of the processes cf non- 
stationary diffusion is based on Fick's second law: 


(27) - ^ (), (14.48) 


The use of this equation, i. e., its solution for the case under consi- 
deration is impossible without formulation of the boundary condi- 
lions, which may be different depending on the nature of the system 
under study and the procedure used for carrying out the electrode 
reaction (for example, at a constant current, under galvanostatic 
conditions, or at a constant potential, under polentiostalic condi- 
tions). A fundamentally correct way for solving the differential 
equation (14.48) without taking into account convective diffusion 
was suggested at the end of the nineteenth century (Sokolov and 
Weber). Later this problem was treated in the works of many scient- 
ists—Sand. Cottrell, Agar, Bowden, and others. It has recently 
been the subject of the original investigations carried out by Gorba- 
chev and his coworkers, especially by Khlopanov. Equations describ- 
ing the process of nonstationary diffusion are, as a rule, rather sophi- 
sticaled. An example is the formula derived by Rosebrugh and 
Lash-Miller and referring to galvanostatic conditions: 


RT i 
ne= 22 Ev; In -, (14.49) 
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where 
P TOUS (2m —1)? j 
7 = Ilz 21 UE I CYP m (14.50) 
mss | 
and 
PN 
TIA 


AL a sufficiently large £ (t — œœ) the value of p — 0 tends lo zero 
and Eq. (14.49) is transformed into the stationary diffusion equa- 
tion (14.22): 


RT ș 
Na = pe Evjln 1—5) 


14.1.4. THE IMPORTANCE OF DIFFUSION 
OVERPOTENTIAL PHENOMENA FOR ELECTROCHEMICAL 
PROCESSES 


The equations describing diffusion overpolential are based on the 
assumption of a thermodynamic equilibrium being maintained bet- 
ween electrode and electrolyte. They follow from the Nernst formula 
for reversible potential. Thus, a study of difusion overpotential can 
yield no additional information on the actual path of the electrode 
reaction or the steps constituting this reaction. At the same time, 
the application of experimental techniques based on diffusion 
overpotential phenomena—the dropping mercury electrode (see 
Chapter 18) and rotating-disc electrode—enables determination of 
many quantities playing an important role in the kinetics of electrode 
processes and in electrochemistry in general. For example, the 
measurement of limiting current on the disc electrode makes it 
Possible to calculate the diffusion coefficients of individual ions, 
Aj. lo find out the number of electrons z participating in an electrode 
reaction and to ascertain whether diffusion is the sole limiting step. 
A study of diffusion overpotential phenomena is of still greater 
"n portance for effective solution of numerous problems in industrial 
electrochemistry. Indeed. the existence of the limiting diffusion 
current density restricts the possibility of speeding up electrochemi- 
Cal processes. The diffusion overpotential theory enables one to map 
out ways for increasing the limiting current density or. in other 
Words, to find methods for intensifying industrial electrochemical 
Processes. All e uations derived for the limiting cathodic current 
density indicate that its magnitude increases with concentralion 

reducing particles, co, with increasing diffusion coefficient A and 
with g Particles, € ver thickness ö. In order to intensify 


decreasi iffusion-lay ; : : 
e cathodic peu i. is therefore expedient to use solutions with 
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the highest possible concentration of reducing particles. The optimum 
concentration is determined in this case by the fact that the solution 
in the vicinity of the anode (in electrorelining of metals and applica- 
tion of various galvanic coatings) becomes saturated the sooner 
(i. e., at a lower anodic current density). the higher is the solution 
concentration. Another way of intensifying an electrochemical 
process is to raise the electrolyte temperature and thus increase the 
diffusion coefficient A. A third possibility consists in increasing 
the flow rate or the rate of stirring of the electrolyte, which reduces 
the diffusion-layer thickness 69. Today this aim is successfully 
achieved in electrochemical practice by using ultrasound, the impo- 
sition of which increases the limiting current. densily by scores 
of times. Interesting electrochemical laboratory setups with forced 
circulation, making it possible lo increase the limiting current 
density to any desired degree, have recently been designed by Gorba- 
chev and coworkers, and also by Gerischer. and others. 

The role of diffusion phenomena in electrochemical processes is not, 
however. restricted to the limitation of their permissible rates, 
In certain cases, for example. in the electrodeposition of metals. 
diffusion has an effect on the quality of the deposits formed. in parti- 
cular, on their distribution over the cathode surface. 

Indeed, if, for example. the electrodepositiou of a metal is effected 
in a stationary electrolytic bath with vertical plate electrodes. then, 
as follows from Eq. (14.42), under the electrolysis conditions chosen 
the diffusion-layer thickness will increase with distance fiom the 
lower edge of the electrode. Under diffusion-controlled conditions 
(near the limiting current density) more metal will be deposited 
on the lower than on the higher part of the electrode, i.e.. the deposit 
will be nonuniform and its thickness will decrease from bottom 
lo top. [n the case of mixed control. i.e., when the rate of some 
other step is comparable with that of the transport step or is retarded, 
the concentration. gradient 


O — ^ed 
oͤn 


must reduce to zero with height. Since ô, increases with increasing A. 
the value of ce must decrease with A when the gradient is nearly 
constant. Hence. the concentration of discharging ions will be 
higher at the bottom than at the top. Such a distribution of concen- 
(rations will assist in speeding up any other reaction step al the 
lower part of the electrode, i.e.. the deposit will again be distributed 
nonuniforml y. 


D [n all cases the oplimal parameters must be chosen with account taken of 
economic faclors. 


Ch. 14. Concentration Polarizatton 335 


14.2. CHEMICAL (REACTION) OVERPOTENTIAL 


14.2.1. THE ROLE OF CHEMICAL STEPS 
IN THE KINETICS OF ELECTROCHEMICAL 
REACTIONS 


Almost any electrode process involves, as an integral part, a purely 
chemical transformation. This chemical transformation may be 
eitlier homogeneous or heterogeneous, it may precede or follow the 
electrochemical act, but in either case its rate constant does not 
depend on the electrode potential (since the transformation is purely 
chemical in nature). Nevertheless this transformation has a notice- 
able effect on the kinetics of an electrochemical process. 

The importance of the chemical step in electrochemical kinetics 
was hrst ascertained in the course of polarographic investigations. 
Tbe fundamentals of the theory of polarographic waves with account 
taken of diffusion and chemical limitations were elaborated by the 
Czech school of polarographists: Brdicka (1943). and Wiesner and 
others. and also by Delahay and his coworkers. Later the conceptions 
of the important role of chemical transformations were extended 
to oiler sections of electrochemical kinetics. Thus, Vetter and 
Gerischer (1951) introduced the concept of reaction overpotential 
corresponding to the case where the rate of the electrode process 
is controlled by the conditions under which chemical reactions 
proceed. In accordance with the classification adopted in this book 
this Iype of overpolential is called the chemical or reaction over- 
potential. 

The physical meaning assigned to the concept of chemical over- 
potential can be understood by assuming that the overall electrode 
reaction 


vad ote vgl — . = vp, L 4- vM ede (14.51) 


lo which there corresponds the reversible potential 


involves certain chemical steps. The first chemical step leads to 
the formation of intermediate particles A’ resulting from the chemi- 
cal interaction between particles A and B: 
vad ＋ vpB = vad’ (14.53) 
While particles A and B are incapable of electrochemical reduction. 
2 + H * 2 
particles A“ can be reduced to form new intermediate particles L“: 


vae +7F = VoL’ (14.54) 
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Further transformation of particles L’ gives rise to the final reaction 
products: 
veL’ = vLL + vuM (14.55) 


Reactions (14.53) and (14.55) correspond to chemical transforma- 
tions, one of which precedes and the other follows the discharging 
act. Since it is intermediate particles A’ that are discharged and 
the final products are formed only from intermediate particles L’, 
the kinetics of each of these two reactions must influence the kinetics 
of the entire electrode process. If one assumes that all the steps, 
except the one corresponding to chemical reaction (14.53), proceed 
unhindered (or are retarded very slightly), the electrode polarization 
will depend on the activity of particles A’. The activity of these 
particles can be introduced into Eq. (14.53), making use of the 
equilibrium constant K, of reaction (14.53) and putting, for simpli- 
city, z^ =z: 


var 
RT ay’ = 
er = 2° + —— ln (14.56) 
zF Kal Lay 


If the assumptions made earlier are retained. the activity of partic- 
les A’ during the passage of a current must be different and depend 
on the current density. If the current-induced departure from the 
equilibrium stale is not very great, then the corresponding new value 
of potential may be expressed by the same equation (14.56) provided 
the activity a 4«, of particles A’ at a current density i is substituted 
for ax: 


vat 

, RT a i = 

e er — e + g In —.— (14.57) 
= Kay hay 


By definition, any value of polarization 
N= e, — Er 
from which, after substitution of e; and e, from Eqs. (14.56) and 
(14.57), one can obtain the following equation for the chemical 
overpotential nen due to the slow rate of the chemical step preceding 
the charge-transfer reaction: 
RT Bed es 
Tea = va f ln TOS (14.58) 
If the rate of the electrode process is governed by the rate of reac- 
tion (14.55), then, in place of (14.58), one should write 
— RT (io A5 

Nen = *. In a (14.59) 
Equation (14.59) corresponds to the chemical overpotential caused 
by the slow rate of the chemical step following the discharge act. 
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14.2.2. FUNDAMENTALS OF THE THEORY 
OF CHEMICAL (REACTION) OVERPOTENTIAL 


Equations (14.58) and (14.59) are similar in appearance to 
Eq. (14.6) which was derived earlier under the assumption of retarded 
diffusion. In both cases a decrease in the concentration of particles 
being reduced sharply increases polarization (n — — oo) and limits 
the rise of the current density (i — i;). But the nature of the processes 
underlying Eqs. (14.58) and (14.59), on the one hand, and Eq. (14.6), 
on the other, is essentially different. Under the conditions of diffu- 
sion limitations the number of discharged particles is compensated 
for by particles transported from the bulk of the solution under the 
effect of the concentration gradient inside the diffusion layer ö. 
The limiting diffusion current density gé corresponds in this case 
to the maximum possible concentration gradient and is a function 
of the diffusion coefficients of the reacting particles. Conversely. 
when the purely chemical transformation is retarded, the drop 
in concentration because of particle discharge is compensated for 
by the chemical reaction taking place in the immediate vicinity 
of the electrode or at its surface. The reaction limiting current 
density pip must be a function of the rate constants of the correspond- 
ing chemical transformations. The determination of pi and the 
understanding of the laws governing chemical overpotential allows 
one lo study the kinetics of fast chemical reactions by using electro- 
chemical methods. 

An idea of the quantitative expression of the reaction limiting 
current density under stationary conditions can be obtained by 
considering a rather simplified example of the reactions discussed 
in the preceding section. Suppose that all the stoichiometric numbers 
of reactions (14.51). (14.53) and (14.54) are equal to unity and that 
the amount of substance B greatly exceeds that of substance &. 
i.e., reaction (14.53) may be regarded as pseudomolecular. Then. 
if the changes in the composition due to the slow occurrence of 
reaction (14.53) are localized inside the volume ö,. the reaction 
layer. the rate of increase of the number and concentration of inter- 
mediate particles near the electrode surface (z = 0) will be determin- 
ed by the equation: 


du. de. - — 5 
(SE) ee (SE) mtem. (u 


where * and Aare the rate constants of reaction (14.53) in the forward 
and reverse directions, respectively. In terms of current 
i, = 2F6, (kca — hea) sexo (14.61) 
The maximum rale of formation of particles A“ and. accordingly, 
the reaction limiting current vii are altained when ca = O: 
pip = ö ec (14.62) 
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It should however be taken into account that the same magnitude 
of current (under stationary conditions) must correspond to the 
rate of transport of particles A and A’ from the bulk of the solution 
(if the reaction producing these particles is homogeneous), i.e., 


ig = const [ch + ch — (c + c o 
or, in the limit, when c=) = 0 
aly = const (c? — c=) = ii (14.63) 


where c? stands for the sum ch + cà; and i, corresponds to the 
limiting current density. Eliminating c= from Eqs. (14.62) 
and (14.63) and solving these equations simultaneously for ij, one 
obtains 
"a 2Fc06,k 
ds 2F6,k 
const 
According to Eq. (14.26), under stationary conditions at tj =0 
const = zFA 4 
and, consequently, 
- 0, E 
dies EOE (14.64) 
mp 
4 


If ö is so large (ö, ö e > A) that the unity in the denominator 
may be neglected as compared with the second term, then 


0 
1. — al Fd N 


i. e., Eq. (14.64) is reduced to Eq. (14.26), which corresponds to 
purely diffusion limitations. 


If, conversely, ö, is so small (5,8 & A) that the second term 
in the denominator may be ignored as compared with unity, 
Eq. (14.64) then simplifies to 


ip = pig = zF, kc (14.65) 


which corresponds lo a purely chemical limitation of the rate of the 
process. 

The thickness of the reaclion layer. ö,, can be represented as 
a function of the diffusion coefficient and the rale constant of a che- 
mical reaction proceeding in the reverse direction 


ö, = A akt (14.66) 
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and thus, in place of Eq. (14.65), one may write 
„in = ZFA . K, (14.67) 


From Eq. (14.67) it follows? that, in contrast to the diffusion 
limiting current density. the reaction limiting current densily must 
be independent of the rate of agitation, Thus, a study into the 
effect of agitation of the solution on the kinetics of the electrode 
reaction enables one to distinguish between the hindrance of trans- 
port and the chemical transformation. The nature of a retarded 
chemical transformation can be elucidated on the basis of data 
on the influence of the electrode material on the kinetics of the 
electrode process; the absence of this eflect indicates that the chemi- 
cal reaction is homogeneous. whereas the dependence of the kinetics 
on the electrode material points to the heterogeneil y of the chemical 
transformation. 


14.2.8. SOME EXAMPLES OF THE EFFECT 
OF CHEMICAL TRANSFORMATIONS 
ON ELECTRODE KINETICS 


One of the simplest examples illustrating the role of homogeneous 
chemical transformations in electrochemical processes is the electro- 
reduction of formaldehyde, which has been thoroughly studied by 
Brdigka and a number of other investigators. In aqueous solutions 
formic aldehyde is present in a hydrated state and cannot be reduced. 
For the cathodic reaction to proceed formaldehyde must be preli- 
minarily dehydrated: 


CH,0-H.0 = CHO + H;0 


The free formaldehyde is then converted at the cathode into 


methanol: 
CHO + 2e- + 2H* = CHOH 


Since the chemical step of dehydration is the most hindered one, 
a reaction limiting current appears, whose magnitude is governed 
by the rate constants of the hydration and dehydration reactions: 


rip = 2F han kp ACH O- nzo(ccuso- H0 ＋ cho) 


A more complex and still obscure process of electrochemical 
reduction coupled with the slow stage of homogeneous chemical 
transformation is the cathodic production of nitric acid from nitrous 
acid. 

1 The same conclusion can be drawn on tho basis of Eq. (14.65) if one takes 


into account that ö, & ò and the reaction layer does not therefore undergo a chan- 
ge with increasing rate of agitation. 


22° 
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According lo some authors, the reaction 
H* + NO; + 2H+* -- 2e = HINO, ＋ HO (14.68) 
involves the following steps: 

J. H* -+ NO; = HNO, 

II. HNO, -- HNO. = N;0, -- 1120 
III. N.O, = 2N02 

IV. 2NOz + 2e = 2NO; 

V. 2NO; -+ 2H* = 2HNO; 
It is not the initial nitric acid or its ions but the intermediate 


product, nitrogen dioxide, that is reduced. The reaction leading 
Lo the formation of nitrogen dioxide is the sum of steps I, II and III: 


H* + NO; -+ HNO. = 2NO; II20 


with the equilibrium constant 
Kxo.— (H*4[NO S] HNO,] 
NOSTUCCqNOQRILO] — 


Introducing into the equation for the reaction equilibrium poten- 
tial (14.56) 
nr, (H*B[NO; 
= pot otal id oct D 
er ee . oe in HN O- .O 


the concentration of the intermediate product NO: yields 
j RT II“ RT 
— 0 ATL — BU —— * 4 
e. e -- 7g In HNOJ ^F In [NO] (14.69) 


where e“ includes the quantity Kno» 

If the formation of NO» proceeds at a finite rate, then. owing to 
the passage of a current, its concentration decreases and becomes 
equal to [NO;l,. Since neither the pH value nor the concentration 
IHNO»] undergoes a change, one can write, in place of Eq. (14.69): 


2 n., AT "(H+ RT 
e, m e e 4 AT Ing L. -F in NO.]! (14.70) 


The reaction overpotential 


$ “RT NO, 
n. eier ere, In D (14.71) 


arising in this case al the step preceding the discharging act will 
be determined by the kinetics of homogencous chemical reactions 
producing nitrogen dioxide. 

The indicated scheme however contradicts the fact of the appearan- 
ce of NO in the reaction volume. Another scheme has therefore 


Ch. 14. Concentration Polarization 341 


been suggested, according to which reaction (14.66) involves the 
following three basic steps: 
I. 2HNO; ~- 2H* = 2NO* ＋ 2H;0 
II. 2NO* ＋ 2e = 2NO 
III. HNO, -+ 2NO + H;0 = 3HNO; 


Here step III following the charge-transfer reaction is considered 
to be the slow one. Although no unequivocal conclusion can be 
made as to which of the two schemes indicaled is preferable, il 
should nevertheless be noted that in both cases the kinetics of the 
electrode process is controlled by purely chemical homogeneous 
transformation. 

Numerous examples of electrochemical processes in which the 
homogeneous chemical reaction plays an important role have been 
obtained in polarographic investigalions of the reduction of the 
various inorganic and organic substances. in particular organic 
acids. It has been found that undissociated molecules of acids are 
reduced more readily than their anions. In solutions of high pH 
value. however, even weak acids are present mainly in the ionized 
state. Therefore. in a definite region of pH values dependent on the 
dissociation constant of the acid two waves appear on polarograms. 
one corresponding to the reduction of the molecules, and the other 
to thet of acid anions. The measured limiling current of the first 
wave is found to be considerably higher than expected in the case 
of diffusion limitations. Here the loss of acid molecules ix compensat- 
ed for not only by diffusion, but by another. more effective process. 
This second process is identified with the formation of undissociated 
molecules of the acid from its anions and hydrogen ions. The rale 
of this reaction depends on the rate constants of recombinalion Free 
and dissociation kais and also on the solution composition: 


21721 — kree (H*)A7] — Kars IHA] (14.72) 


The height of the second wave is governed by the concentration 
of acid anions near the electrode. A study of the dependence of the 
wave height on the solution pH and a comparison of these values 
with diffusion limiting currents allows one to obtain data required 
for calculating the rate constants of the chemical reactions preceding 
the discharge step. Thus, the reduction of pyroracemic acid to 
lactic acid 


CH,COCOOH -}- 21+ -- 2e = CH;CHOHCOOH 


yielded X he following data. At pH < 4 only one wave of height h is 
detected on the polarogram. Since the dissociation constant of 
pyroracemic acid is 3.2 x 107? mole/litre, it follows that at such 
pH values practically only undissociated molecules of the"acid are 
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present in solution. If pH > 4, two waves appear instead of one. 
their total height remaining practically unaltered and independent 
of pll. At a pH value of about 6.1 the height of each wave is appro- 
ximately half of ; and, finally, at pH > 7.6 again only one wave 
is left on the polarogram. It starts at a more negative potential than 
the vanished first wave and corresponds to the reduction of the acid 
anions. Polarograms obtained over a wide range of pH values have 
enabled calculation of the K, and kais of pyroracemic acid; they 
are equal to 7.08 x 109 mole-!/litre-sec"! and 2.24 x 109 sect, 
respectively. 

* The course of electrochemical processes is affected almost as 
often by heterogeneous chemical transformation. A typical example 
is the cathodic evolution of hydrogen, in which the final product 
(hydrogen molecules) is obtained through recombination of the 
adsorbed hydrogen atoms resulting from the discharge act: 

2H,4, = II; 


If the recombination reaction proceeds slowly. it gives rise to polari- 
zation. The magnitude of polarization can be determined by insert- 
ing the activity of atomic hydrogen in Eq. (14.61): 
RT ach - 

Tea = —— In (14.73) 

The anodic evolution of oxygen should also be included in this 
group of processes if its rate is determined. for example, by the steps 
of formation (or decomposition) of higher oxides of the electrode metal. 
An example of the accelerating effect of chemical reactions is the 
increase of the limiting current during the reduction of ferric ions 
to ferrous ions upon addition of hydrogen peroxide to a solution 
of an iron salt. The polarographic reduction of trivalent ferric ions 
occurs at potentials at which hydrogen peroxide is not reduced at the 
mercury cathode. The observed increase of the limiting current 
cannot therefore be ascribed to the superposition of the wavo of 
reduction of hydrogen peroxide upon thal of ferric ions. This fact 
can however be explained if it is assumed thal the ferric ions (formed 
at the cathode surface as a result of discharge) are chemically oxidized 
by hydrogen peroxide with recovery of iron ions of higher valency: 


Fe“! — e Fes“ (14.74) 
Fest + H,0, = Fer-. OH- (14.75) 


which subsequently participate in the reduction reaction. ‘The 
decrease in the concentration of ferric ions is compensaled in this 
case not only by diffusion but also by a chemical reaction. The rate 
constant of this reaction, described by Eq. (14.75). can be calculated 
by comparing the actual wave heights with the values of diffusion 
limiling current. The value of the rate constant thus obtained agrees 
fairly well with the value found bv another method. 


CHAPTER 15 
Phase Overpotential 


15.1. GENERAL DESCRIPTION OF PHASE 
OVERPOTENTIALS 


The term phase overpotential suggested by Gorbachev gives a true 
reflection of the nature of the phenomenon. The deviation of the 
electrode potential from the equilibrium value during the passage 
of a current is caused by difficulties associated with the formation 
and development of a new phase under the conditions of electrolysis. 
It is therefore appropriate to recall here certain general points 
concerning phase transformations. 

All phase transformations can be divided into (wo groups accord- 
ing to the character of transition from one phase to another. Phase 
transformations of the first group are not accompanied by metastabi- 
lity phenomena, i.e.. superheating. supercooling or supersaturation. 
To this group belong transformations of a solid phase S into a liquid 
L or gas phase V, i.e., 

S—L 


and 


S= V 


Phase transformations S — L (melting) and S — V (sublimation) 
occur at the surface of a solid and are not associated with an increase 
in the surface area of the interface and hence with an increase in 
the free energy. A solid cannot be superheated to a temperature 
above its melting or sublimation point. 

The second group includes the following phase transformations 
characterized by metastability phenomena: 

1. S, -> Sa = formation of a new solid compound. or recrystalli- 


zation. 

2. L S = formation of a precipitate. or crystallization from 
a melt. 

3. V — S — transition from gas to solid. which is also called 


sublimation. 

4. L — V = boiling. 

5. V — L condensation. 

In all these transitions the formation of a new phase involves 
nucleation and is invariably associaled wilh an increase in the 
surface area of the interface and hence with an increase in the free 
energy of the system. By a three-dimensional nucleus is understood 
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the microformation of a new phase w 
attainment of equilibrium with the su 
phase inside which it originated. 

L — S and V — S this is a nucleus of 
the corresponding changes of the 


ith dimensions ensuring the 
rrounding medium, i.c., the 
In transformations 5: 82, 
à solid phase originating from 
solid S (reerystallization, formation 
of a new solid chemical substance), liquid L (crystallization, precipi- 


tation) or gas V (sublimation) phase. In transformations L— V 
and V — L this will be nuclei of vapour (gas bubbles formed upon 
boiling) or liquid (drops formed upon condensation). In all these 
cases the transition from one homogeneous phase to the other proceeds 
via an intermediate state corresponding to a microbeterogeneous 
System, in which the nuclei of a new phase are distributed inside 
the original one. This intermediate, or transition, state is characleri- 
zed by an increased amount of energy owing to the presence of 
numerous interfaces and its formation requires an activation energy 
determined by the energy of formation of three-dimensional nuclei. 

What has just been said can be illustrated by the process of con- 
densation, i.e., the phase change V — L. Under definite conditions, 
i.e., at a definite vapour pressure P and temperature T. the appea- 
rance of three-dimensional nuclei of a new phase (liquid drops) 
in the vapour phase becomes possible. From the surface of these 
drops the molecules of the substance can be converled into the 
vapour phase. Since the volume of a body decreases proportionally 
to the cube and its surface proportionally to the square of linear 
dimensions, it follows that with decreasing linear dimensions the 
relative fraction of molecules residing on the surface must increase 
and their transition into the initial phase becomes more probable. 
It is therefore obvious that to suppress the process of evaporation 
and preserve the liquid nucleus it is necessary lo increase the vapour 
pressure; the smaller is the size of the drops the higher must be the 
vapour pressure. In other words, the equilibrium Vapour pressure 
above the drop is a function of its size, which can be expressed mathe- 
matically by the Thomson formula: 


P 
RT ngt =o ( . (15.1) 


n3 d Viri Fa 


where P., and P., = equilibrium vapour pressure above drops of 
radii ry and rə (r, < ro) 
o = interfacial tension 
/ = molecular weight of the substance whose 
phase transformation is considered 
d = density of this substance in the liquid state. 
For a phase of finite dimensions r = œ and the Thomson formula 
takes the form 


| 


p ; A E 
RT In praotigt (15.2) 
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where r = radius of the drop 
V = molar volume of the substance in the liquid state. 


From Eq. (15.2) it follows that P, > Pæ, i. e., the vapour pressure 
above a drop of radius r is always grealer than above the liquid 
itself. The quantity RZ In (P/ Pe) may serve as a measure of super. 
saturation required for the formation of nuclei of radius r: it will 
be the greater the higher is the interfacial tension o (the excess 


Transition 
Vapour state Liguid 


free energy 


Phase change 
coordinate 


Fig. 15.1. Two types of phase transformations 


surface energy) and the smaller the radius of the drop. r. The transi- 
tion from the vapour to the liquid state is shown schematically 
in the diagram of Fig. 15.1 pertaining to conditions when the liquid 
is the more stable (its free-energy level is lower than that of vapour). 
The same reasoning is valid for the formation of nuclei of a solid 
or vapour phase. 

The formation of nuclei of size r requires an energy U3. which 
can be estimated for the case of liquid drops by the equation 
M Y 


16102 (> : 
Ur ty? (15.3) 


Similar relationships hold for nuclei of other phases. 


15.2. PHASE TRANSFORMATIONS IN ELECTROCIIEMICAL PROCESSES 


15.21. FORMATION OF A NEW PHASE 


Electrochemical processes very oflen involve the formation of 
a new phase. For example, the electrolysis of alkali solutions gives 
rise lo gas phases (hydrogen and oxygen) resulting from the decom- 
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position of a liquid phase (water), and the electrolysis of chloride 
solutions leads to the evolution of gaseous hydrogen and chlorine. 
When solutions of metal salis are subjected to electrolysis. new 
liquid (Hg, Ga) or solid (Cu, Zn, Pb, Ni, Cd. etc.) metallic phases 
are formed al the cathode. When an acid accumulator is being 
charged. solid lead sulphate is transformed to metallic lead at one 
of the electrodes and to lead dioxide at the other. The number of such 
examples could be considerably increased, but what has been said 
is sufficient to illustrate how often one has to reckon with the forma- 
tion of new phases in the course of electrochemical processes. 

When a new phase is formed electrolytically, its energy level, 
in contrast to ordinary phase transformations, is not necessarily 
lower than that of the initial phase and the process may proceed 
with increase in the free energy of the system, this energy being 
supplied in the form of electrical power. The direction of a phase 
change is determined in this case by the magnitude and sign of the 
electrode potential rather than by temperature and pressure. 

If the slow step of an electrochemical process is the formation 
of a new phase and all other steps proceed at a faster rale and may 
be considered reversible, then 


£j — E, = Tip^ (15.4) 
where npa is the phase overpotential. The probability of three-dimen- 
Sional nucleation is determined by the quantity U; and consequently 
its rale under the conditions of an electrochemical process, i.e.. the 
current density i, must also be a function of U; 


i = ke-UsnT (15.5) 


On the other hand. the magnitude of phase overpotential must 
be proportional to the supersaturation of the system and 


n= RT In + (15.6) 


Substitution of the value of U; from Eq. (15.3) into Eq. (15.5) 
and replacement of RT In (P,/Pæ) by zFy gives 


16 ay i 


3GFnpn? HF 


i-ke (15.7) 
or i 
16203 (ŻY : 
Ini ln x — ( : ) DM m (15.8) 


This relationship has not yet been observed experimentally for 
the evolution of gaseous products. Evidently, the formation of a gas 
phase is hindered lessthan the other steps—diffusion, charge-trans- 


120 160 200 240 


Fig. 15.2. Dependence of the number of three-dimensional nuclei on the inverse 
square of overpotential for cathodic deposition of mercury on the platinum 
electrode: 


on the (001) face; 2—on the (111) face 


out by Kaischew and Mutafchiew (Bulgaria) have shown that the 
number of mercury nuclei formed after the passage of a short-time 
current pulse is linearly dependent on the inverse square of the 
overpotential (see Fig. 15.2). 


15.2.2. THE GROWTH OF A CRYSTALLINE PHASE 


In the experiments mentioned above the surface of platinum was 
covered, on prolonged electrolysis, with the corresponding metal. 
whose further deposition is attended by crystallization, or crystal 
growth alone, without the formation of a new phase. The hindered 
growth of a solid crystalline phase may also be responsible for the 
buildup of a phase overpolential, which should be called the cry- 
stallization overpotential ner in this particular case. The crystalliza- 
tion overpotential has been studied most thoroughly in the case of 
electrodeposition of metals. although there are works devoted Lo the 
formation of oxide and other films on the anode surface. In order 
to understand the essence of the crystallization overpolential it is 
1 first to have a look at metals from the viewpoint of morpho- 
ogy. 

Solid metals are crystalline bodies, i.e., are built up of identical 
unit cells, in the lattice points of which partly ionized atoms are 
situated. A repetition of such identical unit cells in space forms 
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a crystal of finile size homogeneous and anisotropic in different 
directions. Most metals crystallize in one of the following three 
latlice structures: cubic body-centred (e.g. alkali metals, Ba. d-Fe, 
Mo. M) which is the a-iron structure; cubic face-centred (Ca, Sr, 
Ni, Al. Ti. y-Fe, B-Co. Cu. Pt) which is the copper structure; and 
hexagonal (Be. Mg, «-Co, Ti, Os) which is the magnesium structure. 

The primitive cell of the cubic body-centred structure is a cube 
with atoms (or ions) of a corresponding metal located at its corners 
and in its centre. The basic unit of the cubic face-centred structure 
is a unit cell corresponding to a cube, in which structural units 
(atoms or ions) are situated at the corners and in the centre of each 
face. The hexagonal lattice structure is built up of hexagonal prisms 
with the corresponding structural units located at the corners. 
Since all crystals are built up of identical unit cells that repeat 
themselves indefinitely in three dimensions. they are characterized 
by symmetry. i.e., the coincidence of identical parts of figures 
in symmetry operalions (rotation. reflection. etc.). 

The basic elements with respect to which symmetry operations 
are carried out are the centre of symmetry. the axis of symmetry 
and the plane of symmetry. In the case of the cubic lattice structure 
three mutually intersecting edges of a cube may be chosen as the 
axes of symmetry. For the hexagonal structure the 4-fold axis of 
symmetry is usually used. 

Each possible face of a crystal can be determined from the inter- 
cepts which it cuts on the axes of reference. Most often use is made 
of the ratio (known as the azial ratio) of the intercepts of the unit 
face on the axes of reference to the intercepts of a given face on the 
same axes. ‘These axial ratios are whole numbers and a set of these 
ratios constitutes the symbol of a face: (h. k. 1) for cubic lattices 
and (k, K. l. m) for hexagonal lattices: each of the quantities enclosed 
in parentheses is an index of a crystal face. It is customary to choose, 
r$ a unit or reference face. a face which intersects all three axes of 
reference. Faces characterized by a set of identical indices written 
in different sequences. such as (100) or (010). are also identical. 
Different faces are designated by sets of different indices. For exam- 
ple (100) is the face of a cube. (110) the face of a prism. and (111) 
the face of an octahedron. Faces having different symbols differ 
also in packing density. i.e.. the number of atoms per unit surface area 
(usually per 1 cm?). For example. the ratio of packing density for 
three faces in the face-centred lattice (the copper structure) is 
N (011) : V (001) : N (111) = 1: 1.38 : 1.63. or in absolute value: 


Face Pack density (number 
of atoms per 1 cm?) 


(011) 4.02 v 108 ~« yi 
(001) 5.56 x 1015 s; pL 
ati) 6.57 x 1016 x ya 
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where V4 is the atomic volume. Since V4 is different for diferent 
substances, the packing density must be a function nol only of 
the face symbol but also of the nature of the substance. As the 
packing density for these faces is different, it follows that many 
other properties, such as the rate of growth (exchange currents), 
the surface potential and hence the electronic work funclion. and 
the null point. must also be different. which should be taken into 
account in treating processes of electrocrystallization. 

An electrolytic metallic deposit can thus be described by ils 
crystallographic structure. For instance, the crystallographic struc- 
ture of electrolytically deposited copper will always correspond 
to the structure of the face-centred cubic lattice. Depending on the 
electrolysis conditions. one can obtain deposits having {wo or three 
different crystallographic structures for some metals (e.g. iron. 
manganese). 

All these specific features of the structure of crystalline bodies 
must be taken into account when considering the processes of nuclea- 
tion and crystal growth during electrolysis, in particular. during 
the cathodic deposition of metals. The similarity between the electro- 
lytic deposition of metals and the formation of crystals from the 
gas, liquid or solid phase is reflected in the term electrocrystallization 
coined by Kistyakovsky. 

A crystal in equilibrium with the environment assumes a shape 
corresponding to ils minimum surface energy: 


2012. = min (15.9) 


where c; and Q; are the surface tension and the surface area of an 
ith face, respectively. Wulff (1901) proposed the following method 
for finding out the shape of an equilibrium crystal. From any point 
in space draw. in the directions of possible crystal faces (Fig. 15.3), 
vectors whose lengths h; are proportional to the surface tensions d, 
of the faces perpendicular to them. The smallest part of the space, 
which is bounded by planes passing through the vector end points 
and contains the origin, will be the equilibrium shape of the crystal 
satisfying Eq. (15.9). For an equilibrium crystal 
J= const (15.10) 

For the formation of nuclei of a solid phase this quantity should 
be substituted into the Thomson equation for the ratio o'r. 

The growth of each face of a crystal is governed by the conditions 
under which new structural units (atoms or ions) land on its surface. 

During the growth of a crystal formed from a gas phase or melt 
of a given substance, for example, from a molten metal. the attach- 
ment of each new structural unit on the crystal face is the result 
of ils interaction with latlice-atom neighbours. 
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Since the packing density is different for faces having different 
indices, their growth rates must also be different. For general treat- 
ment of the problem, however, this difference may be ignored. 
assuming that the most important factor here is the interaction of the 
new structural unit (an adion) only with underlying metal atoms 
in direct contact with it. 

At the beginning of the growth of a face the attachment of new 
Structural units, say, metal ions, on the face plane (planar site 1) 


Fig. 15.3. Finding the equilibrium crystal shape according to Wulfi (the plane 
model) 


results from interaction with only one lattice-atom neighbour 
(Fig. 15.4a). We will denote this energy of interaction with one 
neighhour as a. 

When a larger number of atoms have landed on the crystal face, 
they may agglomerate and form monoatomic islands of diiferent 
shape (Fig. 15.4%). The addition of new atoms to the step (step 
site II) is facilitated by contact with two neighbours and in this 
case the interaction energy is equal to 2a. 

Further, surface monoatomic layers with kinks may form 
(Fig. 15.4c). in which case the addition of a new atom is facilitated 
by interaction with three close neighbours (kink site III); here 
the interaction energy is Ja. After this surface layer has been formed 
the addition of each next atom to it is accompanied by an energy 
gain of Ja; only at the beginning of the growth of each new row of 
atoms does the gain of energy equal 2a, this providing a so-called 
"repealing step" and the highest rate of spreading of the atomic 
monolayer over the surface. i.c.. the fastest growth of the erystal 
face. When this monolayer of atoms covers the whole face plane. 
further growth will proceed via the same steps (a, b and c) until 
a two-dimensional island is formed, providing a repeating step. 
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Evidently, the hindrance to the face growth is the least during the 
formation of such an island, which, by analogy with a three-dimen- 
sional nucleus, was named a two-dimensional nucleus. The rale of 


Fig. 15.4. Formation of a deposit 
on the cathode surface: 


a—Initial stage, structura] units scat- 

tered (position 1); b—increased number 

of structural units. appearance of mo- 

noatomic rows (position ID; c—two- 

dimensional nuciel formed; favourable 

conditions for appearance of a repea- 
ting step (position III) 


face growth, i.e., the rate of formation of a crystalline phase. 
must therefore be a function of the energy required to create 
a two-dimensional nucleus; this energy Us is determined from 
the equation 

1032 


"RT In (BHP (15.11) 


U. = 
where c, = edge stress characterizing the excess free energy at the 
edges of the nucleus 
Qu = surface area occupied by one gram-molecule of the 
substance 
P, — equilibrium vapour pressure above a nucleus of peri- 
meter J 
De = equilibrium vapour pressure above a given solid phase 
of finite dimensions. 

Volmer (1930) assumed that the above mechanism of crystal 
growth from the vapour phase may be extended to the case of 
electrocrystallization of metals. The rate of face growth (in terms 
of current density) can then be expressed by the equation 


i = fe- L/h (15.12) 


352 Part Five. Nonequilibrium Electrode Processes 


Assuming. as before, that the overpotential corresponds to super- 
saturation 


Ine. = RT In PL (45.13) 


Volmer deduced an equation relating the current density to the 
crystallization overpotential 
TOQ we i 


In i= In K Af ne 


(15.14) 


15.2.3. THE CRYSTALLOCHEMICAL THEORY 
OF ELECTROCRYSTALLIZATION 


Until quite recently nobody succeeded in crealing such conditions 
of electrolysis under which the slow step would be the formation 
of two-dimensional nuclei and the deviation of the electrode poten- 
lial from the equilibrium value on passage of a current would cor- 
respond to the crystallization overpotential: 


£j — £r = ner 


Only very recently (1966) Budewski and coworkers demonstrated 
the possibility of such a process. They conducted experiments with 
the ideal face (111) of silver serving as the cathode, with the use of 
the pulse technique. In these experiments a short-lime current 
pulse was imposed on the cathode. which resulted in a shift of the 
potential sufficient for the formation of a two-dimensional nucleus; 
then the potential shifted to the positive side, which excluded 
the possibility of formation of new two-dimensional nuclei but 
ensured the growth of the existing nucleus. The current flowing 
through the cell first increased and then, after the advancing crystal 
front reached the edge of the face. dropped to zero. For the crystal 
face to keep growing further the potential had to be shifted again 
to the negative side. to values ensuring the formation of a new 
two-dimensional nucleus. The results obtained by Budewski have 
shown that there are periodic oscillations of the current at a pre-sel 
potential or of the potential at a constant current. and that the 
growth of a crystal face involves the formation of a two-dimensional 
nucleus and its spreading over the surface. This mechanism however 
operates only in certain limiting cases which are not realizable 
because of a number of factors. Some of these factors were taken 
into account in the crystallochemical theory of electrocrystalliza- 
tion developed by Gorbunova and Dankov; this theory may be 
regarded as a further development of Volmer's views. 

The crystallochemical theory presupposes the possibility of the 
formation of pile-ups of growth layers (consisting of several "storeys" 
of two-dimensional nuclei) when the effects of surface passivation 
and change of the ionic concentration of the solution are superim po- 


Ch. 15. Phase Overpotential 353 


sed near the advancing growth front. It is assumed that the part 
of the surface which has been in contact with the solution for a long 
lime becomes blocked and additional energy is required for a new 
two-dimensional nucleus to be formed on it. Conversely, the surface 
of a newly born two-dimensional nucleus remains free of adsorbed 
extraneous particles and a new two-dimensional nucleus may form 
on it with a smaller amount of energy consumed. The thickness 
of such a pile-up is limited by tbe decrease of the concentration 
in the zone where two-dimensional nuclei are piled up, and the 
growing electrodeposit can therefore move only along the face plane 
rather than normally to it. The existence of pile-ups of two-dimensio- 
nal nuclei has been observed experimentally by many authors. 


15.2.4. THE ROLE OF SURFACE MICROSTRUCTURE 
AND DEFECTS IN ELECTROCRYSTALLIZATION PROCESSES 


The passivation and concentration effects undoubtedly play 
an important role in the processes of crystal growth, but they are 
nol the only causes responsible for the departure of the actual picture 
of crystallization from the idealized Volmer model; moreover, they 
are not always the principal factors. One of the causes should be 
sought in disturbances of the perfect crystal structure, i.e., in crystal 
lattice defects, and primarily in the appearance of portions in which 
the arrangement of structural units is different from that in the 
perfect lattice of a given crystalline body (so-called dislocations). 

Figure 15.5 shows a screw dislocation which results in a mono- 
molecular step on the crystal surface. The addition of even the 
first ructural unit to the edge of the dislocation results in an energy 
gain of 2 and ensures the appearance of a repeating slep with an 
energy gain of 3a. With the addition of new units the dislocation 
step will advance in the direction 7. Simultancously at the disloca- 
tion centre O a new step appears, which is perpendicular to the 
initial direction of the dislocation; this step is also capable of further 
growth but in the direction 2. At the new centre of dislocation, again. 
there appear favourable conditions for the formation of a repeating 
step in the direction 3, and so after a certain period of time under 
current the initial dislocation will grow into a spiral front. A crystal 
surface may have a largo number of dislocations, in which case 
several spiral fronts are formed simultaneously, this resulting 
in the deposition of a metal at a low crystallization overpotential. 
These conditions were realized in experiments on electrolytic deposi- 
Lion of silver carried out by Kaischew. Extraneous atoms and mole- 
cules that find their way into the deposit disturb the lattice structure 
and contribute to the formation of dislocations on its surface during 
electrodeposition. Thus, the appearance of a crystal defect on tho 
face plane promotes the process of crystallizalion. If the number 
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of defects (dislocations) per unit surface area is sufficiently large, 
i. e., at a high density of defects, the need for two-dimensional 
nucleation is eliminated. A theory of crystallization and electro- 
crystallization taking into account the role of dislocations has been 
formulated in the works of a number of researchers (Burton, Cabrera 
and Frank, Kaischew, Fischer, Lorenz and their coworkers. Vermi- 
lyea, and others); this theory is in good agreement with experimental 


(d) (e) 


Fig. 15.5. Spiral growth of a crystal caused by a dislocation 


evidence. For one thing, it follows from this theory. in conformity 
with experimental data, that the crystallization overpotential is 
lower than could be expected on the basis of the Volmer theory, 
which ascribes the decisive role to two-dimensional nucleation. 
The new theory also accounts for the spiral growth observed during 
the electrodeposition of many metals on the surface with screw 
dislocations and for a number of other experimental facts. 


15.2.5. THE ROLE OF DEHYDRATION PHENOMENA 
IN THE CATHODIC DEPOSITION OF METALS 


The departure of the Volmer theory from experiment may also 
be attributed to the neglect of the dilference between crystallization 
from the vapour phase and electrocrystallization. In the former case 
the atoms or molecules of a substance are in a free stale. and in the 
latter they are present in solution in the form of ionic or other 
complexes. In the cathodic deposition of a metal from a solution 
of its simple salt a metallic ion has to divest ilself of its sheath of 
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hydration water before it can be incorporated into the metal lattice. 
This process requires considerable energy, of the order of tens or 
hundreds of kilocalories. Indeed, as follows from Table 2.9, the 
hydration energies of ions (except univalent ions of large size) 
exceed, as a rule, 100 keal/g-ion. Bockris and Conway (1958) pointed 
out that taking into account dehydration greally changes the picture 
of lattice incorporation during electrocrystallization as compared 
with the Kossel-Stranski model on which the Volmer theory is 
based. When an ion enters the crystal lattice, it loses completely 
its hydration sheath and ils charge is compensated by the electron 
gas in the metal. Three variants at least may be visualized here. 
The first variant is a charge transfer to any site on the cathode with 
simultaneous complete dehydration of the ion and addition of a metal 
atom to the electrode surface. In this case the incorporation of the 
ion into the metal lattice will occur according to a scheme correspond- 
ing to the Volmer theory. However, as first noted by Lorenz (1954). 
the metal atoms formed on the surface differ in their energetic pro- 
pertics from the particles in the metal lattice. Lorenz named such 
atoms adatoms (adsorbed atoms). Since the advancing crystal front 
(two-dimensional nuclei, dislocations) occupies only a relatively 
small fraction of the entire cathode surface, the largest number of 
adatoms must form on the plane (plane site I) and not on growth 
sites (sicp site II and kink site III). To reach the growth step, adatoms 
have to diffuse along the surface until they find a suitable site (posi- 
tion III or II) to be incorporated into the lattice. The driving force 
for such surface diffusion is the concentration gradient or, more 
preciscly, the activities of adatoms. Surface diffusion is thus a neces- 
sary link in the process of electrocrystallization and may be its 
rate-determining step, which is not taken into account, by the 
Volmer theory. 

The second variant corresponds to the assumption that the loss 
of the hydration sheath and the charge-transfer step occur only 
at sites where the energy gain is the greatest owing to coordination 
with neighbouring metal atoms which are part of the crystal lattice 
of the cathodic metal deposit. In this case the completely hydrated 
ion moves through the solution, in the region of the double layer, 
parallel to the cathode surface until it reaches a site where charge 
transfer and dehydration are facilitated (i. e., a growth side providing 
a repealing step of crystallization). No surface diffusion of adatoms 
occurs in this case and dehydration, charge transfer and lattice 
incorporation take place as a single act. 

The third variant is based on the assumption that dehydration 
proceeds stepwise and so-called adions, instead of adatoms. parti- 
cipale in the process of electrodeposilion. The least distortion of the 
hydration sheath is observed when the ion lands on the face plane. 
Suppose, for example, thal six water molecules form the primary 
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Fig. 15.6. A modol illustrating dehydration of an ion at its different positions 
relative to the cathodic deposit: 


a—in solution, n, = 6: b—on the face plane; c—on the edge of a two-dimensional nucleus: 
d- on the kink; ein the'surfnce layer of the deposit 


hydration layer of the ion-water complex (Fig. 15.6); when the ion 
lands on the crystal face, its hydration sheath is slightly distorted 
with the resulting loss of one water molecule (Fig. 15.66). The 
partially dehydrated ion acquires a metal atom neighbour and 
the electrons in the metal partly neutralize the positive charge of 
the ion. Such a parlially neutralized and partially dehydrated 
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ion on the metal surface is called an adion (adsorbed ion). When 
the aquated ion lands on the edge of a two-dimensional nucleus 
(on a step site), the distortion of its hydration sheath is relatively 
greater because of steric hindrances and the ion loses not one bul 
two waler molecules (Fig. 15.6c), which requires more activation 
energy as compared with its landing on the plane. Still more energy 
is needed when the ion lands on a kink site (Fig. 15.6d), where 
three water molecules are lost and the bond with the metal becomes 
stronger. The ion is completely dehydrated and gels embedded 
in the lattice only when it is surrounded from all sides by metal 
ions, as shown schematically in Fig. 15.6e. Thus, if the energy 
supplied during the coordination of the aquated ion with metal ions 
does not compensate the energy spent on dehydration of the ion. 
then, in contrast to the K ossel-Stranski model, the ion will land on 
the crystal plane rather than on the site of a repealing step. This 
inference has been drawn from the calculations made by Conway 
and Bockris for the case of silver deposition at a potential correspond- 
ing to the null point. According to their conceplions, the electro- 
deposilion of metals involves the intermediate formation of adions 
on the crystal plane. surface diffusion to growth sites and incorpora- 
tion in!o the metal lattice. As in the Lorenz theory. one of the steps 
in this case is surface diffusion, the only difference being that adions 
are involved instead of adatoms. 

AL present it is difficult to decide which of the mechanisms consid- 
ered above is the most probable; still, preference should evidently 
be given to the last two versions. The existence of adatoms and 
adions has been confirmed independently by a number of workers 
using different methods, which have also allowed their concentration 
to be delermined. Surface diffusion of particles is most important 
in those cases when growth sites (dislocations. two-dimensional 
nuclei) occupy only a small portion of the surface. Then, owing 
to a large distance z; which the adsorbed particles must cover before 
they get incorporated into the metal lattice, the concentration gra- 
dient Acga/tq and hence the rate of surface diffusion will he low. 
in which case surface diffusion may become the slow step (rds) 
in the electrodeposition of metals. These conditions are possible 
on faces without defects (or faces with a small number of defects) 
and at low polarizations (small current densities) when the number 
of nuclei is small. With increasing polarization the number of 
active centres (growth sites) becomes larger as a result of an increase 
in the number of two-dimensional nuclei and conversion of inactive 
growth sites into active (depassivation). Besides, as the potential 
assumes more negative values, the concentration of particles increa- 
ses. All this results in an increased concentration gradient, and 
surface diffusion ceases to be the slow step. The deposition rate will 
be limited by some other step, usually by the charge-transfer step. 


358 Part Five. Nonequilibrium Electrode Processes 


At still higher polarizations the transport of ions to the electrode 
surface becomes the rate-determi ning step, and the electrode poten- 
tial will be governed by the transport overpotential. 


15.3. SPECIFIC FEATURES OF THE CATHODIC 
FORMATION OF POLYCRYSTALLINE DEPOSITS 


What has been said above refers, strictly speaking, only to a crystal 
face of definite index. During the cathodic deposition of metals 
a polycrystalline deposit is usually formed, i.e., a deposit consisling 
of a large number of interconnected tiny single crystals or grains 
with faces of different index, a circumstance that complicates the 
picture. One of the complications involved is associated with the 
fact that different crystal faces grow at different rates and the nalure 
of a deposit undergoes a change duriug electrolysis. To describe 
cathodic deposits one therefore utilizes, apart from the erystallogra- 
phic structure, such concepts as growth structure, texture and the 
nature of the deposit. 

By the growth structure is generally meant micro- and macroforms 
which a deposit assumes during growth. The most usual growth forms 
are: pyramidal, lamellar, and their combinalions or derivatives — 
block (truncated pyramids), ribbed (a special case of the lamellar 
form with sharply defined ridges) and cubic (intermediate between 
the pyramidal and the lamellar form), and also the growth spirals 
mentioned earlier, whiskers (thin single threads) and dendrites 
(three-like deposits). 

At small polarizations pyramids are oflen formed, which assume 
à lamellar structure with increasing polarization, and change into 
polycrystalline deposits or dendrites at still higher polarizations. 

By texture is understood the preferential orientation of definite 
faces of polycrystal grains relative to some axis. What is most 
important in electrodeposition is the orientation relative to the 
axis normal to the cathode surface, i.e., the axis coinciding with 
the direction of growth of the deposit. If crystal faces show such 
àn orientation, one speaks of a textured deposit and of a texture 
corresponding to the orientation of a definite face type. For instance, 
in the electrodeposition of copper from cyanide solutions the cry- 
stallites are not oriented and the deposit is not textured, but when 
copper is deposited from sulphate electrolytes the texture (011) 
is formed. [n the case of nickel the texture (001) or (112) is observed 
when it is deposited from sulphate or chloride solulions, respective- 
ly. Texture is formed during electrodeposition and may be associaled 
with the appearance of new faces which were absent at the initial 
stage of electrolysis. Since different faces are characterized by diffe- 
rent exchange currents, during the formation of a deposit the elec- 
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trodo potential may change at a constant current (or, conversely, 
the current may change at a constant potential). 

The concept of the nature of a deposit covers a number of features 
such as monocrystallinity or pol ycrystallinity, orderliness or inhomo- 
gencily. grain size—the fine-crystalline structure (the linear dimen- 
sions of crystallites not exceeding 40-5 em) or the coarse-crystalline 
structure (the linear dimensions of grains being greater than 107? cm), 
elc. The term is used for qualitalive descriplion of melallic deposits. 


15.4. TYPES OF PHASE OVERPOTENTIAL 


In the case of the electrochemical formation of a crystalline 
phase the concept of phase overpotential. as follows from this chapter, 
is in fact a combination of several types of overpotential and it 
would therefore be more correct to call it phase polarization. In 
a general case the phase polarization is composed of three types 
of phase overpotential: the overpotential arising from the retarded 
formation of three-dimensional nuclei, na: the overpotential caused 
by the hindered formation of two-dimensional nuclei, n, and the 
overpolential due to the slow occurrence of surface diffusion, Nsa: 


AEpr = nn = Na E Ne + Neg (15.15) 


The predominance of one or other type of phase overpolenlial 
depends on the deposit growth stage, i.e.. on the time elapsed from 
the beginning of electrolysis, on the nature of the metal and the 
cathode substrate, the solution composilion (and especially the 
nalure and concentration of surface-active particles), the current 
intensity, temperature, etc. 


CHAPTER 16 
Electrochemical Overpotential 


16.1. THE CONCEPT OF AN ELECTROCHEMICAL STEP 


As has already been noted, any electrode process inevitably 
includes one or several steps at which particles either accept an 
electron (reduction reaction) or lose it (oxidation reaclion). 

The possible slow occurrence of this electrochemical Slep was 
first pointed out by Kolly (1880). The understanding of the causes 
responsible for the finite rate of this reaction Step was greatly pro- 
moted by the works of LeBlanc (1910) and Izgaryshev (1915) which 
directed the attention of electrochemists to the important role 
of ionic hydration and dehydration in the kinelics of electrode 
processes. Kobozev and Nekrasov (1930) were the first to show, 
in their experiments on the cathodic evolution of hydrogen. that 
the slate of particles immediately after they are discharzed may 
differ essentially from the state of the final products of the clectrode 
reaclion. The rates of the discharge and ionization steps in the 
cathodic reaction of hydrogen evolution were measured by Dolin, 
Ershler and Frumkin (1940). 

The earliest successful attempt at quantitative formulation of the 
theory of slow discharge was made by Erdey-Gruz and Volmer 
(1930), who deduced a formula relating the actual electrod» polen- 
tial to the current densily. It is the basic equation of electrochemical 
overpotential, which is in accord with the empirical equation for 
hydrogen overpotential. However, the theory of slow discharge 
in its original form contained a number of insufficiently grounded 
assumptions and could not explain satisfactorily all the experimental 
facts. The major contribution to the slow-discharge theory was made 
by Frumkin (1933), who was the first to take into account the effect 
of the double-layer structure on the rate of electrochemical processes. 
These ideas largerly predetermined the basic trend in the develop- 
ment of the electrochemical science and the present state of the art. 

Since the electrochemical act limits the rate of the overall electrode 
process, the current-induced deviation of the electrode potential 
is often called the slow-discharge (or slow-ionization) overpotential. 
Lately the term charge-transfer overpotential has come into use. 
But the essence of the electrochemical step does not reduce to the 
change of the valency state of particles (the discharge-ionization 
act) or to the transfer of charge across the electrode-electrolyte 
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interface. The gain (or loss) of an electron by a particle implies 
also the alteration of ils physicochemical and energy state. For 
instance, in the course of the reaction 


H;0* e = IIa d. + H,0 


the gain of an electron by the particle HO“ means that not only 
has the charge changed from z, = 1 to z = 0 but also that the 
hydraled proton has become an adsorbed hydrogen atom, i.e., that 
the bond between the hydrogen ion and the solvent is broken up and 
a new one is formed between the hydrogen atom and the metal. 
The reduction of ferric ions to ferrous ions 


Fe?*zlI;O + e = Fet yH,O + (z — y) HO 


involves the addition of one electron (z — 1), the change of the 
ionic charges from z, = 3 to 22 = 2 and the rearrangement of the 
hydration sheath associated with the loss of (z — y) water molecules. 
In the case of the reduction of vanadate to vanadyl 


VO; -+ e + 4H* = VO?* + 21H20 


the gain of an electron (z = 1) is accompanied by the change of the 
number of oxygen atoms in the ion (from three to one), its valency 
(from r, = 5 to n; = 4) and its charge (from zı = —1 to 22 = --2). 
Here tle number of electrons participating in the discharge step 
cannot be defined as the difference between the effective charges 
of the particles before and afler the electrochemical act; in this 
case il corresponds to the difference between the valencies n, and no. 

In the deposition of a melal from a solution of its simple salt the 
metallic ion divests itself of its hydration sheath and becomes an 
adatom (or adion) 

Mag + ze = M, + H;0 


which is then incorporated into the metal lattice. 

It should be pointed out that the electrochemical deposition of 
metals may be regarded not as a discharge reaction with transfer 
of an electron from the cathode metal to the metallic ion in solution 
but as the transition of this ion from one phase (solution) to another 
(metal), ils charge being compensaled by the free electrons of the 
metal: 

Mi; + ze] = [M] + HzO 


where emj represents an electron in the metallic phase. 
Thus, the gain or loss of a charge by a particle is always accom- 
panied by the rearrangement of its structure and the chango of its 
nature. The more profound these changes, the higher must be the 
activation energy and the lower the rate of the electrochemical step. 
i.e., the greater the probability of this step determining the rate 
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of the overall electrode process and giving rise to an overpotential, 
which will be called hereafter the electrochemical overpotential and 
denoted by ne. or simply by 4. 

The theory of electrochemical overpolential was first developed 
for the cathodic evolulion of hydrogen and later extended to other 
electrode processes. Until very recently this theory was based on the 
classical laws of the kinetics of heterogeneous chemical reactions. 
The quantitative relationships between tho overpotential »j and the 
current density é were obtained by applying the Brönsted principle 
of parallelism between tho activation energy U and the thermal 
effect Q (or the free-energy change AG) for a series of similar reactions. 
The quantum-mechanical treatment of electrode processes began 
to emerge only recently although some attempts in this direction 
were undertaken in the middle of the 1930's (Gurney, Esin, and 
others). ‘The bulk of investigations in this field have been carried 
out by Christov, Marcus, Levich and a number of other scientists. 
A roview of the works on the quantum-mechanical theory of electrode 
processes is outside the scope of llis book. 


16.2. THE PRINCIPLES OF THE THEORY 
OF ELECTROCHEMICAL OVERPOTENTIAL 


Originally, the theory of electrochemical overpotential implied 
conditions where the structure of the double layer and the distribu- 
tion of tho polential between its Helmholtz and diffuse parts could 
bo ignored. 

‘This assumption is justilied (particularly in the region of low 
overpolenlials) if the following conditions are satisfied. 

|. Either the concentration of particles taking part in the electro- 
chemical act is sufficiently high (>-0.1 mole/litre) or al any concen- 
tration of potential-determining particles the solution contains 
a large excess of foreign capillary-inactive electrolyte. 

2. The solution contains no particles capable of being specifi- 
cally adsorbed on the electrode. 

3. The electrode potential is sufliciently remote from the zero 
point. 

If these three conditions are fulfilled, Lhe zeta potential is constant 
and small and its role in the electrode kinetics may therefore be 
ignored. These conditions are realizable in many practically impor- 
lant applications of electrochemical processes. 

Further, the original version of the theory of electrochemical 
overpotential did not take into account that the nature of the par- 


D Other terms which are widely used in the literature will also be employed 
to designate this type of overpotential. 
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ticles participating directly in the elementary electrochemical act 
may differ from the nature of the initial substances and final pro- 
ducts of the electrochemical reaction. 

Suppose that the discharge step is described by the equation 


Ox 2% = R (16.1) 


where Ox represents particles which are near the electrode and are 
subjected to reduction by accepting z; electrons, and R denotes 
particles formed immediately after the charge-transfer step. In the 
general case, the nature of particles Ox and R may differ from that 
of particles Ox? and Re involved in the overall electrode reaction 


Ox? ＋ zë == Re 


just as the equality z = z; may not be observed. 
For instance, in the cathodic evolution of hydrogen the final 
products R° are hydrogen molecules and z = 2: 


211,0* + 2e = H, -+ 2120 


and the elementary electrochemical act produces a hydrogen atom. 
which is adsorbed by the electrode, and z, = 1: 


1150* -- e = Ha, -+ H:O 


In the deposition of a metal from complex electrolytes he compo- 
sition oi discharging ions (Ox) often differs from that of complex 
particles (Ox?) predominating in the solution. Similarly, the ele- 
menlary acl of charge-transfer under the conditions of melal depo- 
sition gives rise lo adatoms, which subsequently form a compact 
metal deposit. It should however be taken into account that when 
a purely electrochemical overpotential is responsible for the devia- 
lion of the electrode potential from the equilibrium value during 
the passage of a current, i.e., 


Ae; = e — & = Ne (16.2) 


all the other steps are considered reversible or practically reversible. 
Hence both the transition of the initial substances to the state of 
substances prior to the discharge act and the transformation of the 
particles resulting from the electrochemical act into the final products 
are also reversible. The concentration of particles Ox and R may 
be ex pressed in terms of the concentrations of initial Ox? and final R? 
parlicles with the aid of the equilibrium constants of the correspond- 
ing reactions. 

The rate of electrochemical reaction (16.1) expressed in the units 

had 


a4 
of current density in the forward i (reduction) and reverse i (oxida- 
lion) direclions can be described by means of general kinetic equa- 
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tions: 

= 2 Pleicox (16.3) 
and 

= 2Fkꝛcn (16.4) 


But, in distinction to ordinary chemical reactions, the rate con- 
stants ki and x in the electrochemical reactions are functions of the 
electrode potential. At equilibrium, i.e., at the reversible potential 
of the system, e,, 


= i = 2Fk%ox = 2FeR = io (16.5) 
where ie = exchange current at the electrochemical stage 
kù and ka = partial values of the rate constants at e = e,. 
When the electrode potential departs from the equilibrium value 
in the negative or positive direction, assuming the value e, reac- 
tion (16.1) will proceed predominantly in one direction at a rate ie 
determined by the equation 


ie = i — i = ZF (ekycox — ech) (16.6) 
An assumption has been made that the activation energy of electro- 
chemical reactions can be resolved into the chemical and the electri- 
cal component. The former corresponds to the case when the metal- 
solution potential difference gmg, is equal to zero; this component 
can be designated by Uo. The electrical component corresponds to 
the change of the activation energy due to the electric fiel in the 
double layer created by the potential difference ggm; this component 
is denoted by AU,. Thus, Eqs. (16.3) and (16.4) may be written 
as follows 


i = 2Pexie ot su RT (16.7) 
and 
i = zF kse VotôU,VRT (16.8) 


If the potential difference gmg is negative, the rate of the forward 
(cathodic) reaction must increase, and that of the backward (anodic) 
reaction decrease in proportion to the change of the electrical com- 
ponent of the activation energy. The energy of the electrical field, 
zF gu, is distributed between the two partial reactions. The distribu- 
tion coefficient « characterizing the fraction of the double-layer 
energy that affects the forward reaction is known as the /ransfer 
coefficient. Assuming accordingly that the fraction of the energy 
required for the forward reaction is & and that for the backward 
reaction is (1 — q), one can write in place of Eqs. (16.7) and (16.8): 


i = zF skye- Urea SDA (16.9) 
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and 
E = zF dese URTE l-0 ayy RT (16.10) 


The difference in the signs of the second exponents in Eqs. (16.9) 
and (16.10) is altributable to the fact that, as mentioned before. 
the energy of the field accelerates one of the partial reactions and 
slows down the other. It follows from Eqs. (16.9) and (16.10) that 
when gmr < 0 the rate of the forward process will increase and 
thal of the backward reaction fall. When gy, = O, the partial 


-> t 
currents i and i will not be equal and their difference 
. TON 
liga mo =  — i) -o 


must correspond to the rate of the chemical reaction proceeding 
under the conditions chosen (the concentrations of Ox and R, tem- 
perature, pressure, etc.), and catalyzed by the material of the electro- 
de used. The value of gm, cannot be determined experimentally, 
but it can be related to the measurable electrode potential on an 
arbitrary (e.g. hydrogen) scale with the aid of the equation 


gmp = e + const (16.11) 


where the constant depends on the nature of the reference electrode. 
Using Ea. (16.11), one can rewrite Eqs. (16.9) and (16.10) as 
follows: 

d = zFh;coye- Ü/RTe -azFe/RT = 2 kegge-t2Fe/RT (16.12) 
and 

ne Uv RTe(1- a) 2Fe/RT — zFkcge(d m) Fer (16.13) 
whence 

i = d — i = zF (Kcoge- :Fe/RT — kege(1 -:Fe/RT) (16.14) 
If e — e,, then 


i-0 


1 

or 
- 
i 


= zFkceoye ern zFkcge 579 Fe IRT i (16.15) 


e, — e AT ne 
then from Eq. (16.15) it follows that 


iP = 2F keh Weßte ure · ur = zH che-) Fent (46.16) 
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or 
i? = zFB en (16.17) 


where A? is the rate constant of reaction (16.1), which is given by 
the equation 


* == Ke-u:FeRT — hell-a):Feo/RT 


The exchange current in Eq. (16.17) is a function of the concentra} 
tion of particles Ox and R. If cox = 1 and cp = 1, then the partia- 
exchange current corresponding io such unit concenlralions is 
called the standard exchange current i$, and serves as a kinetic chara- 
cleristic of a given electrode reaction. Obviously, 


i? — ifc cg (16.18) 


Substituting the expressions for i? from Eq. (16.15) into Eqs. (16.12), 
(16.13) and (16.14), one has, respectively: 


i bea (16.19) 


pe iem Fe (16.20) 
and 
i= EK T= d? (ef er — Qoo) nen (16.21) 
where n. = e, — e, is the electrochemical overpotential. 
Equations (16.14) and (16.21) yield the following important 
special cases. 
1. The electrode potential is equal to its equilibrium value, 
i.c., e = er. Then 


i-— O and ne i 
and 
zFKco,e feu — zFkepe a Her (16.22) 


Solving Eq. (16.22) for e,, one gets the Nernst equation for the 
reversible electrode potential”: 


ORT, k Nr cos RT Rr | cox 
E 
NT € 
=e Ox 
=8 4 ee In = (16.23) 


2. The system departs but very slightly from the equilibrium 
state and the overpotential is small and corresponds to the inequality 
2Fy < RT. In this case each exponent in Eq. (16.21) can be expanded 


D Here the difference between Ox and R, on the one hand, and between Ox, 
and R?, on the other, is ignored. 
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into a series, only the first two terms being retained: 


e- 1 — LEN 


RT 
and 
(-) FRT z- 4 p C 9) zFn 
e 1+ —7 
Then 
i ti An (16.24) 
UE 
or 
AT i x 
n= - T (16.25) 


Equations (16.24) and (16.25) show that in the region of small 
overpotentials a linear relationship between w and i is observed. 
The quantity (/tT/zF) -(1/i?) is a kinetic analog of the resistance in 
Ohm's formula and is called the polarization resistance Re al the 
electrochemical overpotential: 


5 (16.26) 


The value of R, corresponds to the derivative of the overpotential 
with respect to current at n 0, i. e., 


an NL A 
() aot a wa te (16.27) 


Using the quantity Re, one can write in place of Eq. (16.25) 
n = Ri (16.28) 


3. The system departs markedly from equilibrium and a high 


current i passes through it. If i> i, i.e., the cathodic process occurs. 
the second term in Eq. (16.14) may be neglected as compared with 
the first term and i, defined as a function of the potential with the 
aid of Eq. (16.12): 
i, = P 2e eν, 
or 
RT 


> RT RT N 
e. AV ln 2Fk Tun Cox — gn ie (16.29) 


For the same conditions Eq. (16.21) yields 


i, = į = ®e-a:Fn/RT 
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or 
n= Ars ln 8— g ln i (16.30) 
Introducing the notations 

2.3 27 log i? = ae (16.31) 

and ; 
R . 

Eq. (16.30) can be rewritten in the form 

n =a, + be log i (16.33) 


Equation (16.33) based on different assumplions was lirst derived 
by Tafel (1905) and is known as Tafel's equation; the quantities a, 
and b, are called Tafel constants. 

Equation (16.33) can also be arrived at from the definition of 
overpotential: 

T7 — & — Er 
by substituting the values of e, and e, from Eqs. (16.29) and (16.23), 
respectively. 

For the case i < i, i.e., when the anodic process takes place, 


i=-i, = —i and the first term in Eq. (16.21) may be ignored 
as compared with the second: 
ig = (ec PwRT (16.34) 
or 
= RT o RT ; guns 
q= -uaF In i? -; KETEJ In ia (16.35) 
Introducing the notations 
AT , 
—23 TTD lu i = a 
and 
RT 
2.3 Tg oF =ba 


Eq. (16.35) is transformed into Tafel's equation for the anodic 
process 
N = a + b log i (16.36) 


16.3. THE TIIEORY OF ELECTROCHEMICAL 
OVERPOTENTIAL WITH ACCOUNT TAKEN 
OF THE DOUBLE-LAYER STRUCTURE 


At the charge-transfer step, the slow rale of which gives rise to 
an electrochemical overpotential, a special role is played by the 
double-layer structure at the interface between two phases. Indeed, 
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while other steps of the electrode process, e.g. the transport of partic- 
les or the homogeneous chemical transformation, take place far 
away from the double layer, though near the electrode-electrolyte 
interface, the electrochemical act proper occurs within the double 
layer. The distribution of the potential in the double layer and the 
position of the reacting particles in it must therefore affect markedly 
the rate of the electrochemical act and the electrochemical over- 
potential. Frumkin, who was the first to put forward this idea, 
formulated it quantilatively on the basis of certain assumptions. 
The first assumption is thal the actually existing double layer can 
be satisfactorily described by the Stern model. According to the 
second assumption the electrochemical act involves only those 
particles which reside in the Helmholtz part of the double layer, 
i.c., in the immediate vicinity of the electrode. In consequence, 
the average energy of charged particles and their concentration near 
the electrode surface must be different from those in the bulk of the 
solution, this difference being caused by the potential difference 
d in the diffuse part of the double layer. 

A slightly modified derivation of Frumkin's formula for the 
electrochemical overpotential as suggested by Parsons and Delahay 
is given below. 

Lei the overall electrode reaction be described by Eq. (16.1): 


Ox -zF—R 
the charge of particles Ox and R being z, and 22, respectively, and 
2 = 2, — 22. To simplify matlers, it may be assumed that all z 


charges are transferred during a single electrochemical act, i.e.. 
that z = z,. For convenience, it is advisable to split up reaction (16.1) 
with respect to time (or, more generally. with respect to the 
reaction coordinate) into steps differing in the nature of the particles 
present and in their position relative to the electrode-electrolyte 
interface (see Pig. 16.1). Each step has its own value of the free 
energv of the system (16.1). These steps are as follows. 

1. Reaction (16.1) has nol yet started. The solution in the system 
contains particles Ox (beyond the confines of the double layer) 
and z electrons are inside the metal (Fig. 16.1a). 1f the potential 
of the metal is referred to the point in the bulk of the solution where 
it is taken to be zero. the standard free energy of the system under 
consideration in this state, Gf, will then be equal to 


Gi = uf -H auff — zF eux (16.37) 
Particles Ox have a charge of z,, but since there is no potential at 
their site, Eq. (16.37) includes only their chemical potential ip“ 
in the solution. The energy of electrons in the metal is characterized 


by the sum of their chemical potential fy; and electrical component 
zF gmt, where gm, is the metal-solution Galvani potential. 


24—0263 
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2. Having crossed the site of the ¢ potential drop, particles Ox 
entered the double layer and found themselves in its Helmholtz 
portion; the reaction has not yet occurred and the z electrons are 


SN 


SS 
WAS 


NS 


SS 


. 
NENS 


(5) (d) 


Fig. 16.1. The sequence of steps for the reaction Ox + zF = R 


still in the metal. The free energy of the second step, Gj; (Fig. 16.15), 
is therefore determined by the equation 


Gh = uii + FS + afp — zFguL (16.38) 


where the subscript LII signifies the Helmholtz portion of the double 
layer in the solution. 

3. An activated complex is formed. The standard free energy 
of this transition state is equal to 


Gin = 6$ (16.39) 
4. Having added on the z electrons (the metal now contains no 


reacting electrons), parlicles Ox are transformed into particles R 
in the Helmholtz part of the double layer (Fig. 16.1c). In accordance 
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with this the standard free energy Civ is given by the equation 

Giv = ain cz (16.40) 

5. Particles R have gone beyond the double layer (Fig. 16.1d). 

The standard free energy G% is equal to the chemical potential of 
these particles: 

Gy = ur (16.41) 

To describe the kinetics of the electrochemical transformation 

Parsons and Delahay make use of the Glasstone-Eyring-Laidler 


theory of the absolute rates of chemical reactions. For electrochemi- 
cal processes the rate of the forward reaction is wrilten!as 


= T Gor ` 

i=x:F L ege 36" RT (16.42) 
and that of the reverse reaclion 

i= rF IL cre 56" RT (16.43) 


where z = transmission coefficient (transmissivity) determining 
the probability of occurrence of the process; it is 
usually taken as equal to unity: r — 
k = Boltzmann constant 
h = Planck constant 
G and G? = standard activation energies of reaction (16.1) in the 
forward and reverse direclions, respectively. 
The quantity AG? is defined as the difference between the energies 
in the transitional and initial (first) states 


un 
AG = 62 — G (16.44) 


—- 
and AG? as the difference between the energies in the transitional 
and final (fifth) states: 


— 


AG? = G6. — GY (16.45) 
The quantity G? does not yet lend itself to calculation and therefore 
more or less realistic assumptions are made lo find the values of 


> —. 

AG? and A6. For instance, since in a general case the free energy 
is equal to the sum of the electrochemical potentials of all particles 
with corresponding stoichiometric numbers 


G? = Tv jechy (16.46) 
it can be decomposed into the chemical and electrical components: 


G? = Ev T ZvgzFguL = Gà, + G (16.47) 
24 
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The aclivation energy can also be represented as the sum of chemical 
and electrical energies. i.c.. 


AG" = AG, . AGE (16.48) 
and 

—— _— -— 

AG? = AG + AG? (16.49) 


Similar equations are also valid for all quantities characterizing 
the various steps of reaction (16.1): 


61 = Gien -F Gie = Glen + (—2F guy) (16.50) 
Gi Chien + Gite = Giren +- z F6 -+ (—2F gy) (16.54) 
Gin = C. = Cien + Ce (16.52) 
Giv = Given + Give = Given + 22FE (16.53) 
V = Gia + Gye = Cyan (16.54) 


On the basis of Eqs. (16.48) and (16.50) one can now rewrite 
Eq. (16.44) as follows: 


— — 
AG? = G, — Gi = AGa + Go, — GI. (16.55) 
or, adding and subtracting Gir, 
> — 
AG? — Gen + Gi. iem Gite * (Gite m Gie) (16.56) 


Parsons and Delahay assume further that the difference between 
the electrical components of free energies in the transitional and 
second states constitutes a certain fraction a (O<a<1) of the 
difference between the electrical components of free energies in the 
fourth and second states: 


Gee — Gite = d (Give — Gite) (16.57) 
Combining Eqs. (16.56) and (16.57), one obtains 
AG = AG% + a Give — Gite) + (Gite — GR.) (16.58) 


or, afler substituling the values of the electrical components from 
Eqs. (16.50), (16.51), and (16.53), 


AG = Oe + a (2 Fb — z Fb + 2F guy) + (z D- 2F gy + 
— 
4+2F gy.) = A2. + ag — (az — z) FE (6.59) 
Similar reasoning for AG? yields 


AG? = AGa — (1 — a) FR — (az — 2) Ft — (10.60) 


Ch. 16. Electrochemical Over potential 373 


Taking into account Eqs. (16.59) and (16.60), one can now rewrite 
Eqs. (16.42) and (16.43) as follows: 
cu. m * lx!!! T eae (16.61) 
and 
E kT 
22, N ene 
Since z = 1 and 


= 462, /K To 1 -URFEyLIPT (a: - n)FURT ( f] 6.62) 


EuL = & + const 


where & is the electrode potential on an arbitrary scale. e.g. on 
the hydrogen scale, it follows that 


p kT -4 -al c Fe :- - 

7 zF : Coxe AGQ RT, ct const /R Tg a Fe/RT (a iE WRT (16.63) 
and 
b^ kr o/ ct) -F 3 ct): 22 . 
12 27 T cre 469, /RT KI a) F const/RT (1 a) Fe it ,ta. QFURT (16.64) 


If all the quantities independent of potential and concentration are 
lumped into constants. then. in place of Eqs. (16.63) and (16.64), 


one can write: 


"P 2F Regge ei Fel RTe(az- D) FURT (16.65) 
and 
T = zFhege(1 - ):Fe/RTQ(u:- 2) FURT (16.66) 


The net current passing through the electrode al a given poten- 
lial e is given by 


i = I — Į = zFe(:-nmFURT (Kco,e-atFe/RT — kepel! -Ft RT) 
(16.67) 


The difference between this equation and the corresponding equa- 

tion (16.14). which has been derived without taking into account 

the double-layer structure, is that the former contains the factor 

g(zz-:DFURT, If F = 0 or (az — 21) = 0, then Eq. (16.67) changes 

to Eq. (16.14). 

From Eq. (16.67), after substituting e = € + n. we obtain: 

ped zFe(U-mFURT (kegye a:Fer/RTo- az PR/RT. — 
— ege! - S Fer/RTeU - a): Fu/RT) 

or 


X 
i 


"c. 7 = ioc -U (e- ft — et- f (16.68) 
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For definite regions of e anden values Eqs. (16.67) and (16.68) 
yield formulas coinciding in appearance either with the Nernst 
equation (e = e, or n = 0) or with Ohm's law (zFe/RT & 1 or 
zFW RT & 1). Here we shall consider the third special case in 
which reaction (16.1) proceeds predominantly in one direction. 
If the process occurring at the electrode is reduction, then ipi and 

i= i, = 7 ie -, T- RT (16.69) 
or, after taking logarithms, 
8 ; . (42—24)FE = 4 N 
In ic In i a; RT (16.70) 


Solving Eq. (16.70) for the overpotential gives 


RT F 2— 219 U RT : m 
n= sp in % e n te (16.71) 


According to Eq. (16.18), the exchange current is a function of 
the concentration of reactants in the electrode process: 


D lech e 
and, consequently, 
RT E RT (-&) RT 
n= cer Piit gip ln Cox -F ln cu 
(g 21) ? OAT T 
qe (16.72) 


At &—0.5 and z—z, —1 Eq. (16.72) simplifies to 

n- 2 In 1h L. A neo, + A In en E52 la, (16.73 
This equation corresponds to the formula derived by Frumkin for 
the cathodic evolution of hydrogen. From Frumkin's formula it 
follows that the overpotential depends not only on the coucentra- 
tion of the direct participants of the electrode reaction but also 
on the nature and content of any substances present, primarily 
surface-active substances, which may affect the $ potential. For the 
special case € = 0 Eq. (16.73) takes the form of the Erdey-Gruz- 
Volmer formula. 


16.4. APPLICATION OF GENERAL EQUATIONS 
QO: ELECTROCHEMICAL OVERPOTENTIAL 
TO THE MOST WIDESPREAD ELECTRODE REACTIONS 


Equation (16.67) and its special case—Eq. (16.14)—have been 
derived specifically for reaction (16.4): 
Ox+2F=R 

under the assumption that both its participants are charged and are 

present in the electrolyte in dissolved state. It is therefore natural 
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that for all ion rechurging reactions such as 
Fo?* 4- e = Fe?* 
Fe(CN)3- + e = Fe(CN)P, ele. 

Eq. (16.67) can be applied without any changes. For example, 

in the case of reduction of ferric ions to ferrous ions it can be writ- 

ten as * 

77 = Fet-mFURT (Kepess Tegan — bc gosse 1 - ren 
(16.74) 


i= 


zince 
cox — Crest, CR = Cpe2 2 = 1, and 21 = 3 


When the metallic ions are discharged at the mercury electrodo 
to form the corresponding amalgam, cox = Cai and cg = malgr 
where cau) is the concentration of the metal in the amalgam. 
For instance, for deposition of sodium on a sodium amalgam 
Hg 
Nat +e — Na(Hg) (16.75) 


the electrochemical overpotential will be described by the equation 


iod - Fea-DFURT (eyar eFe/RT — 
— exaqugye C17 FE") (16.76) 


If ihe metal is deposited on a solid cathode. the discharge of 
ions will al first produce adatoms of the metal (or its adions). and 
only then (at the next stage) are they incorporated into the metal 
lattice. In this case cox = Cygz+ and cn = cn, whero cya) i$ 
the adatom concentration on the metal. If the surface concentration 
of adatoms is very low, then the entire cathode surface may be 
considered active and Eq. (16.67) can be written in ils usual form. 
For instance, in the deposition of zinc on a zinc electrode 


Znz + e = Zn, = [Zul 


the electrochemical overpotential is described by the equation 


Ped 2Fe@a-2DFURT x 


X (Keynae~20FE/RT — Fezale)e (fett: (16.77) 


In case the reduction (or oxidation) products are adsorbed on the 
electrode, thereby blocking a perceptible part of ils surface equal 
to 0 which can no longer be ignored, Eq. (16.67) must be modified 
in conformity with the kinetic peculiarities of a particular electrode 
reaction. This case is best illustrated by considering the cathodic 
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evolution of hydrogen from acidic and alkaline solutions: 


H30* Te Hag. + H-O (16.78) 
H,O + e = Haas + OH- (16.79) 


As a result of an electrochemical acl, atomic hydrogen is formed, 
whigh is adsorbed on the cathode. Al a given current densily the 
coverage of the electrode surface by hydrogen atoms constitutes 
a certain value O4. If the electrode polarization is caused only by 
the slow occurrence of the electrochemical step, all other steps, 
including the removal of the adsorbed hydrogen, proceed at much 
higher rates than the charge-transfer step and hence the coverage 
al the given current must be equal (or almost equal) to the coverage 
Og in the absence of external current, i.e.. at the equilibrium poten- 
tial of the hydrogen electrode: n = Ou. It may be assumed that the 
hydrogen ions are discharged only on that part of the surface (1 — On) 
which is free of adsorbed hydrogen atoms. The rates of hydrogen 
evolulion from acidic solutions (zi = 1. 2 = 1) and from alkaline 


solutions (z, = 0, z = 1) will then obey the following equations, 
respectively, 


i = T — i = Feta-vryer [Repjos(4 — Oy) er Ar 

= kei o0 get e. Ui] (16.80) 
i-i-i- Fes 8T leyo (1 — 0) er — 

— keoy-Ogett - err] (16.81) 


This mechanism of hydrogen evolution is often called the Volmer- 
Frumkin mechanism. 


Another possible path of hydrogen evolution is the discharge 


of hydrogen ions or water molecules on already adsorbed hydrogen 
atoms: 


H,0* + Haas + e = Ha + HO (16.82) 
for acidic solutions and 
M0 + Haas + e = H40 + OH- (16.83) 


for alkaline solutions. 


Kinetic equations corresponding to reactions (16.82) and (16.83) 
are of the following form 


Eo. wm 
i-i—i 


= Felt- DERT reno. + Ohe ar — 


= Tpnzen20 (4 — Oy) et-mre/RT| (16.84) 


and 
i= i — E = FeaFuRT [kcu oO ne- — 
— kpugou- (1 — On) e- er] (16.85) 


This mechanism of hydrogen evolution is known as the Heyrousky- 
Horuiti mechanism. 


16.5, SUPERPOSITION OF CONCENTRATION 
POLARIZATION UPON ELECTROCHEMICAL 
OVERPOTENTIAL 


It has been thought until now that the deviation of the electrode 
potential from the equilibrium value is wholly due to some single 
cause and the electrode polarization is quite a definite type of over- 
potential. In real conditions il would be more correct to speak of 
the predominance of one type of overpotential. Other types of 
overpolential are superimposed lo a greater or lesser degree on the 
main overpotential. More often than not concentration polarization 
is superimposed on the electrochemical or phase overpotential. 
In this case the departure of the potential from the equilibrium 
value will be the sum of two or more types of overpotential; the 
aclivalion polarizalion itself also changes under concentralion 
limilations (as compared with similar conditions—say. at the same 
curtent density, but in the absence of concentration polarization). 

Hi the general equation of electrochemical overpotential (16.67) 
is uscd. the equilibrium values of cox and cg should in this case 
be replaced by cox and cg. which have been changed as a result 
of the hindered transport step and correspond now to the given 
current density, i.e., 


-> 


i =i — d = zFe(2:-:0 FURT (ee 2 Fe/RT — 
— kcge 1 - &Pe'RT) (16.86) 


or. afler multiplying and dividing the first and second terms in 
parenlheses by coy and cg. respectively. 


: ; 

F 8 2 210 Fr * € oF 7. en 3 | 

icd —i-izFeU FORT ( k LX cope Fe. — r T cpe(!-@):FesRT ) 
cox CER 


(16.87) 
When e = e, then i = i — i? and hence 


— — [A ER d s ci eer y . 

taire (= eC EMED RT SR -D (nen a (16.88) 
cox CR 

where the electrode polarization is the sum of the electrochemical 


overpotential 4, and the transport overpolenlial ng, and i o 
= jelar-2) FVRT, Denoting n. — Ya = m and recalling thal accord- 
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ing lo Eq. (14.29) 


ay ae and hiti 
cor cu en cil 
one can wrile, in place of Eq. (16.88), 


i-i—i-P [ (1— =r) e-esPw/RT — (44 aj) e(t-a) Faint | (16.89) 


Solving Eq. (16.89) for i yields the equation 
e aiFn/nT — e 1-«)rFn/RT 
Le nn E C) :Fy/R1 
1e To 
A number of special cases emerge from Eq. (16.90). For example, 
if 1% & cii and i” & ain then 


i= ile (az-zı)FÇ/RT (e- — el! a) /R) 


which corresponds to the purely electrochemical overpotential and 


If 105 elt and i” > giz, ei! being much smaller than „ii then 
Eq. (16.90) simplifies to 


i = (eit — eiter ⁰¹⁰ = ei (1 — et wT) (16.94) 


which corresponds to a purely diffusion overpotential and 1 = ny. 

The superposition of the reaction and electrochemical overpo- 
tentials can be illustrated by considering the discharge of hydro- 
xonium ions according to scheme (16.78). In the derivation of 
Eq. (16.80). which determines the rate of this process, it was assumed 
that the step at which the adsorbed hydrogen atoms are removed 
proceeds unhindered. If, however, this step proceeds at a finite rate, 
then the coverage of the surface by adsorbed atoms at each current 
density value will differ from the equilibrium value. i. e. Oi == Oy. 
In this case one should write, in place of Eq. (16.80). 


> — 


i= i— i= Fela- UFURT gen: (1 — Oj) ear — 
—Fenzob niet- re /r] (16.92) 


Dividing and multiplying the first and second terms in parenthe- 
ses by 1 — On and Oy, respectively, and introducing the notation 


i? = keys,0° +(1—0n) e-aFer/RT — keiro (1 — 0g) ete Fer/Rr 


(16.93) 
one can rewrite Eq. (16.80) in the form 


mE. oa 
i= iela- DFURT (Fag eorr — ti eli ieu) (16.94) 
— On 
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where n = Ne - Tr, i.c., n is the sum of the electrochemical and 
reaction overpotentials. 

From Eqs. (16.92) and (16.94) it follows that the kinetics of elec- 
trode processes depends on the coverage of the surface by hydrogen 
atoms. 


16.6. MULTISTEP ELECTROCHEMICAL REACTIONS 


IL was assumed until now that the electrochemical reaction consists 
of only one step. i.e., that the z electrons participating in it are 
transferred all at once. This is valid only when z = 1, i.e., when 
only one eleciron is involved in the reaction. If z — 2, then two 
variants are possible: either simultaneous transfer of both electrons, 
or a lwo-slep electrochemical reaction. one electron being transferred 
al each step. When z > 2. the number of possible versions becomes 
still larger. For instance, if z — 3, all the three electrons may be 
transferred at one lime, which however is highly improbable. A more 
probable version is a sequence of one-electron transfers, i.e.. a three- 
step reaction. Retardation at these steps may be different, and one 
of them, the slowest, will limit the rate of the overall electrode 
reaction. 

The simplest example of such consecutive (i.e.. multistep) electro- 
chemical reactions is a two-step act. when z = 2 and the overall 
electrode reaction consists of two one-electron transfers: 


Ox Te = NM (16.95 ) 
M+e=R (16.95b) 


where M is a cerlain intermediate product. Each of these transfers 
occurs independently of the other. Though only one step is rate- 
determining. under stationary conditions all the transformalions 
will proceed al the same rate and therefore the nel current 


i = zij 
where ij is the current corresponding to the rate-determining step. 
In the case under consideration 

i = 213 


These two steps are described by the following kinetic equations, 
respectively, 
. ei 
— (e-arvfr — M e- 
eM 


and 
€ P 
M Q-7RpFWRT OQ REN) 
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where a refers to the first reaction step (16.95, and b to the second 
step (16.950); cà is the concentration of the intermediate product 
at an overpotential n. Solving these two equations simultaneously 
and eliminating the ratio cy/c,, one arrives at the following 
expression 

-a f f - (274a Gi) Fu/ T 

(unc eae (16.96) 

a (-a n 

"n i 


ae 


It follows from Eq. (16.96) that when n & 0 (cathodic polariza- 
tion) 
-aQFn/RT 


i = ide (16.97) 
and when m > 0 (anodic polarization) 
(e ipe RT (16.98) 


It should be noted that for the same overall electrode reaction the 
number of electrons transferred at one time. the sequence of their 
transfer and also the retardation at each of these steps may change, 
depending on the electrolysis conditions, and primarily on the 
value of overpotential (current density). For example. according 
to Losev and coworkers the anodic dissolution of copper in the 
region of low polarizations takes the form of a two-step eleclroche- 
mical reaction with the loss of one electron at each step 


[Cu] = Cut + em 
Cu“ = Cu?t + eiM] 


the detachment of the second electron being the slowest slep. AL 
high anodic polarizations the dissolution of copper occurs in one 
slep with the simultaneous loss of two electrons. 


16.7. THE BASIC KINETIC CHARACTERISTICS 
OF THE ELECTROCHEMICAL STEP 


16.7.1. EXCHANGE CURRENT AND TRANSFER 
COEFFICIENT 


An analysis of kinetic equations describing the phenomenon 
of electrochemical overpotential shows that its most important. 
characteristics are the exchange current i? and the transfer coefficient a. 
For the same deviation of the electrode potential from the equilib- 
rium value the reaction rate (the net current density) will be the 
higher the greater the exchange current density. The latter depends 
in turn on the nature of the electrochemical reaction, the electrode 
material and the solution composition. The transfer coefficient 
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characterizes the effect of the electrical field of an electron on the 
activation energy of the electrochemical step and also determines 
the symmetry of the cathodic and anodic processes. It depends 
relatively little on the electrode material; usually @ is close to 0.5. 

''he values of i? and « for a single-step electrochemical act can 
be found graphically (Fig. 16.2), by plotting n against log i in that 


; -5 -4 -3 -2 -1 ocÓ od lgi 


Fig. 16.2. Determining Tafel constants a and b from a semilogarithmic plot 
of overpotential n against current density i at n & O or y O and g = 0 


region of overpotentials (zn >> RT) where either Eq. (16.30) 
(strong cathodic polarization) or Eq. (16.35) (strong anodic polari- 
zalion) is satisfied. The slope b of the x vs. log i straight line in 
Fig. 16.2 is equal to 2.3 RT/azF and hence 
RT 

8c) E 
The exchange current i? can be determined f. om the value of overpo- 
tenlial a at log i = 0, i. e., at unit current density 


10 — 407 . Hr = 1070 (16.100) 
Since Eqs. (16.30) and (16.35) lose their meaning al small current 


densities, it is expedient to utilize for the same purpose the more 
general expression (16.21) rewrilten as follows 


0 KV " 
In 10 a (16.101) 


In —— RT 
1-—é RT 

If the experimental data (ne and i, taken as negalive and m, 
and i, as positive) are presented in the In i/(1 — e?¥0/RT) versus n 
coordinates, as shown in Fig. 16.3, then the slope of the straight 
line will be equal to azF/RT. and thus we can determine the transfer 
coefficient a, and the ordinate of the point where n = 0 will vield 
the value of In i?. 

In the case of a two-step electrochemical act the transfer coeffi- 
cients a, and a, and the exchange currents is and i$ can be found 
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from the limiting equations (16.97) and (16.98) rewritlen in the form 


RT " RT 3 tan 
y= AV In 210 — g lu i (16.102) 
and 
i RT o, RT ; T 
y= Waa ln 240 ＋ ey lu! (16. 103) 


The graphical construction of the experimental data in the a) versus 
In é coordinates for the cathodic and anodic polarizations allows one 


Ü 

+ — 

— 7 — nv) 

Fig. 16.3. Graphical determination of the exchange current density te and trans- 
fer coefficient &« by substituting experimental data into Eq. (16. t01) 


to determine & and d, [rom the slopes of the straight lines, and 
the exchange currents fa and ij from the values of cathodic and 
anodic polarizalions at i = 1A/cm*. 

if the dependence of the exchange current on the concentration 
of the participants of the electrode reaction is known, the transfer 
coefficient can easily be determined by using Eq. (16.18): 


; 70 (1-@) @ 
i9 = Cox en 


or, after laking logarithms, 
In i? = In i$; + (1 — a) In cox + & ln en 


The slope of the In i? vs. In cox line at constant cy is equal to 
1—a: 


ð In 10 = 
Fin toren = 14 (16.104) 
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and the slope of the lu i? vs. In eg line at constant co, is equal to «: 


dlni? B 
(siti), us acus 
The relationship between the exchange currents and the activity 
of the reactants involved was first examined by Esin (1940). 
These procedures for finding the basic kinetic characteristics of the 
electrochemical act yield correct results only when the ¢ potential 
and its variation with overpotential may he ignored, i.e., when the 
conditions formulated at the beginning of this chapter (see p. 362) 
are fulfilled. Otherwise, the electrochemical overpotential is des- 
cribed by Eq. (16.67): 
Fetus (Ecore aF RT — kerel! ~12):Fe/RT) 
or by Eq. (16.68) 


izi—i.- i %%% - 30 FS/RT (e- r — ge -a) TRT) 


In this case the construction of Talel's relations or relations of the 
type (16.101) will yield only the apparent value of transfer coef- 
ficient since the $ potential is a function of y. To determine the true 
value of œ one can utilize Eq. (16.68) by rewriting it in the form 


FURT 


i eFH Lee (16.106) 
or, aller taking logarithms, 
f eri " azF f 
In F = ln i Nr (= (16.107) 


If the left-hand side of Eq. (16.107) is plotted against (E — u) or 
(5 — e). the slope of the resulting straight line will be equal to 
az: RT. making it possible to find the value of g. For the cathodic 
region Eq. (16.106) simplifies to 

ient VRT = io / RT) (-n) (16. 108) 


and for the anodic region it takes the form 
ie(F/RT) Git - zm). — j%(azF/RT) g- (16.109) 


The true value of transfer coefficient can also be determined by using 
the last two equations. This method of plotting polarization curves 
and determining the values of a and i“ was proposed by Delahay 
and coworkers; it has been checked on a number of electrochemical 
reactions. The method presupposes the possibility of calculating b 
{which is identified with the potential drop in the OHP (outer 
Helmholtz plane) referred to the potential in the bulk of the solu- 
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tion, which is taken as zero] on the basis of the double-layer theory 
by using data pertaining to equilibrium conditions. It is assumed 
that the passage of a current does not essentially affect the double- 
layer structure. In Delahay’s opinion this assumption is sufficiently 
accurate up to very high current densities. 


16.7.2. THE ORDER OF ELECTROCHEMICAL REACTIONS. 
STOICHIOMETRIC NUMBERS 


Other two important characteristics of electrochemical reactions 
are their order and stoichiometric number. The order of an electro- 
chemical reaction, vj, has here the same physical meaning as in the 
kinetics of chemical reactions, though in this case, apart from the 
usual parameters—temperature and pressure, v; is also a function 
of electrode potential. The order of an electrochemical reaction in 
respect to any species of particles, vj, can be found by studying the 
dependence of the current density on the concentration of a given 
species provided the concentration of all other species. temperature, 
pressure and electrode polential are constant: 


ði 
„„ (16.110) 


Equation (16.110) is a direct consequence of general kinetic equa- 
lions, the differentiation of which with respect to the concentration 
of the given species yields the order of the cathodic or anodic reaction 
for this species. 

The use of the order of an electrochemical reaction to solve one 
of the key problems of electrode kinetics—the establishment of the 
path of a given reaction—can be illustrated by the reduction of 
iodine to iodide ions. 

In a solution containing iodide ions I- and iodine molecules I. 
complex anions Ij; are formed, which are reduced in accordance 
with the overall equation 


I; + 2e = 31- (16.114) 


If the reaction" proceeded according to the scheme (16.111), the 
kinetic equation would have the form 


i = 2F (Ke, ea2Fe/RT — ke3 e(1-a)2Fe/RT) (16.112) 


'The order of the cathodic reaction in this case would be as follows: 
(1) with respect to I5 particles 


9i 1 
( 9e m 7. P.e Cds 
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(2) with respect lo iodide ions E 


ôi 
( bl Je, 7. F. e % 0 


(3) with respect to Iz molecules 


ài 0 
z =N = 
( 9e. Je, 7. . e 0 


For the anodic reaction one would have accordingly: 
Vua = 0, Vea) = 3; Vina) = 0 
Experiments have shown however that the order of the cathodic 


reaclion Is 
l 7 — 1 i 0 
a Co ee I oC) 2 VIG) 7 


and that of tlie anodic reaction 


Visto) = 0; vi- (a) = 1; Vig¢a) = 0 


The scheme of reduction of iodine to iodide that corresponds to 
experimental reaction orders may be made up of the following 


steps: 


The xlo« step is step 3. It is described by the kinetic equation 
i= 270 Eee -en — Trerel(i-epre/nr) 
But. according to the equation for step 2 


Hz = i and c = (rer.) 
2 


and according to the equation for step 1 


uA Cu 

K, =— and gq K L 
c. 2 T 

Is m 


and, consequently, 
e = (Ki Ke) Nefer 2 


from which 
i = 27 TA (K^ ciel e-aFeRT — k celt - fe /R (16.113) 


in conformity with experimental data, 


25—0363 
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The stoichiometric number, ve, as defined by Horuiti (1939) indica- 
tes how many times the elementary act, which determines the rate 
of the overall electrode reaction, must occur for the end product 
to be formed. Thus. if the net charge transferred during the electro- 
de reaction is equal to z. then a charge equal to z/v, will be trans- 
ferred in a once-occurring rds (rate-determining step). For small 
deviations from equilibrium, at any slep, the forward and reverse 
courso of which is associated with an exponential factor containing 
the activation energy, an equation similar to Eq. (16.24) is valid: 


zFy 
RT 


i= io 


If the stoichiometric number is vs, Eq. (16.24) should be rewritten 
in the form 


$ 0 2 F8 " 
Be joe LM 114 
i x NT (16.114) 
or, alter solving for vs 
0 1 un 0 ZE (2n 3 2 
i E a 4.9. u: 
Vs ORT OT RT (5 13 0 (16.115) 


To determine the stoichiometric number from Eq. (16.115) it is 
necessary to measure overpotentials near the equilibrium potential 
of a given reaction. As pointed out by Parsons (1955), the stoichio- 
metric number can also be found by using the equation 


= 1 1 Am 

oe (IA) (16.416) 
where b° = 2.3 RT/F and b, and b, are the slopes of Tafel straight 
lines for the anodic and cathodic directions of the reaction. 


16.8. TIIE POSSIBILITY OF PARTICIPATION 
OF SOLVATED ELECTRONS 
IN AN ELECTROCHEMICAL ACT 


Tho equations describing the electrochemical overpotential have 
been derived under the assumption thal. the elementary electroche- 
mical act involves metal electrons epyj. It would therefore be more 
cotrecl to write the model equation 


Ox -+ ze = R 
in the form 
Ox + zem = R (16.117) 


Another mechanism is also possible in principle, according to 
which the first step is the formation of a solvated electron: 


em + L =e, (16.118) 
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and tho reduction reaclion is a Secondary process taking place with 
participation of solvated electrons es: 


Ox+2,=R+41L (46.419) 


The possible participation of solvated electrons in electrochemical 
reaclions was first indicated by Antropov in 1966 and also by Walker 
and IIills and Kinnibrugh. 

The existence of solvated electrons is not questioned any longer. 
They are very stablo in liquid ammonia but much less stable in 
amines, alcohols, and in aqueous solutions. Their role in electrode 
kinetics and also in corrosion phenomena remains still obscure 
and is the subject of discussion. Some questions associated with 
the behaviour of solvated electrons in electrochemical processes will 


be dwelled upon further in conneclion with the kinetics of concrete 
electrode reactions. 


CHAPTER 17 


Some Methods of Investigating 
Electrode Kinetics 


17.1. THE POLARIZATION CURVE METHOD 


An exposition, even a brief one, of all methods employed at present 
for studying the kinetics of electrode processes is outside the scope 
of a textbook on theoretical electrochemistry. This is rather the 
concern of books on instrumental electrochemistry (the reader is 
referred to the literature at the end of the book). Here we will only 
present the minimum information without the knowledge of which 
certain problems of theoretical electrochemistry may not be under- 
stood. 

The basic method of investigating the kinetics of electrochemical 
reactions is the plotting of curves relaling electrode potential to 
current densily. Such curves are usually called current-potential 
or polarization curves. Analysis of the shape of polarization curves 
and study of their dependence on the solution composition, tempera- 
ture and other physicochemical parameters enables one to obtain 
sufficiently detailed information about the nature of a particular 
electrode process. Polarization curves are most frequently plotted 
by the direct compensation method. In this method. a constant current 
is applied to the electrode under study (the so-called working or 
test electrode), and the stationary or steady-state potential is ineasu- 
red (more precisely, the potential difference between the test and 
reference electrodes). In these measurements (Fig. 17.1) the ohmic 
voltage drop at the contact (cem), in the current-supplying conduc- 
tor (up to the point where the compensation and polarizing circuits 
separate, fem), in the electrode itself (2€o,m), and in the electro- 
lyte layer between the electrode and the Luggin capillary tip (565,4) 
is included in the measured potential. 

The ohmic voltage drop in metallic conductors is usually small 
and can be either reduced to the desired value (by increasing the 
cross section of the conductor, reducing its length, etc.) or found 
by direct measurements and calculations and taken in*o account. 
The voltage drop in the electrolyte (due to the resistance of the 
solution) is more difficult to take into account and it may constitute 
a noticeable fraction of the value being measured. Kabanov proposed 
formulas which can be used to calculate the approximate magnitude 
of the ohmic voltage drop, provided the geometry of the electrode, 
the method of setting up the Luggin capillary, and the specific 
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conductivily of the solution are known. Owing lo the finite rate 
of ion transport the electrolyte layer in the immediate vicinity of the 
electrode has a composition different from that of the original solu- 
lion. Besides, it changes with current density. All this and also 
the uncertainty of the specific conductivily value makes calculations 
difficult. It is therefore recommended that the distance between 
the Luggin lip and the lest electrode be minimized, thereby reducing 
the possible ohmic drop in the solution. It should be remembered. 
however, that part of the electrode surface may be shielded by the 


To reference electrode 
$———— 
To potentiometer 


Fic. i7.1. Schematic representation of possible ohmic potential drops included 
in the electrode potential measured by the direct compensation method 


Lugsin capillary lip. The current density on the portion of the 
electrode surface under the capillary tip may be lower than ils 
mean value on the electrode. and this will distort the results of 
measurement. This undesirable eflect can be avoided or, at least. 
reduced to a minimum by using special types of Luggin capillaries. 
Even when all the necessary precautions are taken. the ohmic poten- 
tial drop will still be included in the value measured by the direct 
compensation method after a poorly conducting layer consisting 
of reaction products is formed on the electrode surface. 

It was once thought that the deviation of tho potential under an 
applied current was always caused by the potential drop in a cer- 
tain hypothetical transition layer. The desire to check the validity 
of this assumption led to the development of an indirect or commuta- 
tor method. in which the electrode potential is measured a short 
time after the interruption of the polarizing current. The results 
of the measurements carried out by Newberry in 1914-16, who used 
the commutator method. were in sharp discord with those obtained 
by the direct compensation method under similar conditions. The 
polarization values were found to be lower, as a rule, and even the 
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character of the current-potential dependence was different someti- 
mes. The use of electronic circuits in the commutator method has 
made it possiblo to reduce the time interval between the interru p- 
lion of the current and the measurement of potential and to carry 
out measurements at different times after the interruption. If data 
obtained at different times are extrapolated to £ = O. as was done, 
for example. by Glasstone (1924) and Hickling (1941), then both 
methods yield consistent results within the experimental error. 
It has thus been proved that both the direct and the commutator 
method can be used to plot polarization curves. The coincidence 
of the results provided by the two methods indicates also that there 
is not any special intermediate resistance and that polarization 
phenomena are kinelic in nature. 

The existence of an ohmic voltage drop which causes, like any 
type of polarization, a deviation of the electrode polential from 
the equilibrium or stationary (open-circuit) value, led to the intro- 
duction of the concept of ohmic or resistance polarization. This quan- 
tity however is not associated, with a few exceptions (such as the 
change of the composilion near the electrode due to concentration 
polarization), with the kinetics of electrode processes aud should 
not therefore be regarded as a special type of overpotential. 

In tracing polarization curves, fluctuations of the potential with 
time are observed, which occasionally result in a spontaneous change 
of the applied current. Such fluctuations of potential and current 
are especially noticeable in the region of limiting currents. The- 
refore, apart from ordinary methods of obtaining current-potcntial 
curves, over increasing use is made of the so-called poten'iestatic 
and galvanostatic methods. In the first method, the potential of the 
test electrode is adjusted to a specified value. which can be kept 
constant for a long time by means of a special electric circuit. The 
current corresponding to the given potential is registered up to the 
moment when the constant potential is set up. A series of such 
measurements yields a potentiostatic i vs. e curve. In the galvanostatic 
method, the current is kept constant and the variation of the poten- 
tial is moasured as a function of time until it attains a constant 
value. The relation between i and & obtained is called the galranosta- 
tic curve. The combined use of these methods enables a more detailed 
sludy of the behaviour of electrochemical systems. 


17.2. OTHER METIIODS OF INVESTIGATION 


When a current is applied to a cell and also when it is reduced 
or increased, the corresponding electrochemical changes occur not 
instantaneously but at a finite rate. A study of the process of establish- 
ment of the potential in lime (polential-time curves) on application 
of a current (charging curves) or afler switching off the current (cur- 
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renl-decay curves) may provide additional information on the kine- 
tics of electrode reactions. For the same purpose curves are plotted 
which show the variation of current with time (Z versus t) at different 
potentials. Of grealer importance in this connection are methods 
using current pulses. 

When no electrochemical reaclion takes place at the electrode- 
electrolyte interface, the whole quantity of electricity passed is 
spent on charging the double layer. resulting in a corresponding 
change in the potential. An electrical analogue of such an electrode, 
which was defined earlier as ideally polarizable, is a parallel-plate 
condenser. Because of the electrochemical reaction not all the quan- 
tity of electricity is expended on charging the double layer; part 
of il passes through the electrode-electrolyte interface. lere a circuit 
consisting of a capacity and a parallel-connected resistance may be 
laken as an electrical analogue. The capacity of the condenser cor- 
responds to that of the electric double layer, and the resistance (under 
cerlain condilions) may he regarded as the inverse of the rale of an 
electrochemical reaction. A study of the dependence of the capacity 
of the double layer and its electrical resistance on polential with 
the aid of suitable alternaling-current circuits is another effective 
method of investigating the kinetics of electrochemical reactions, 
This method was developed by Dolin, Frumkin and Ershler (1940). 
Froin data on the double-layer capacity inferences can be drawn as to 
the state of the electrode surface and the nature of the adsorption 
of various substances on the electrode. 

Sill another effective method was developed by Levich et al. 
It ix based on the use of a rotating-disc electrode and enables one 
to determine the role of transport, discharge and chemical transfor- 
mation steps in the overall electrode reaction. 

framkin and Nekrasov proposed a combination of a disc electrode 
and a ring electrode enclosing it. The electrodes are mechanically 
connected. forming an assembly. which is rotated about its axis. 
But they are isolated electrically. Owing to this construction the 
electrodes can be polarized independently from an external current 
source so that one electrode becomes the anode and the other the 
cathode. The tracing of a polarization curve for the ring electrode 
permils one to identify qualitatively the reaction products formed 
on the disc electrode. This method has made it possible. for example. 
lo investigate the reduction of oxygen and lo determine the ammount 
of hydrogen peroxide formed in this process. 

As shown by the equations of the slow-discharge theory. the 
basic parameters determining the kinelics of an electrochemical 
reaction are the transfer coefficient & and the exchange current J“. 
Determination of theso parameters is therefore very important. 
In this connection mention should be made of a method for calculat- 
ing a and 7? based on the redoz-kinetic effect. 
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The redox-kinetic effect (known as faradaic rectification) was 
discovered by Doss, an Indian scientist, in 1950 and later subjected 
to a detailed study by Doss and his coworkers and also by other 
scientists. This effect consists in the following. When an alternating 
current is applied to the electrode, the latter's potential is shifted 
by a certain amount one way or the other. This departure of the 
electrode potential is called the redoz-kinetic potential sp. The rela- 
tion between the redox-kinetic potential wp and the kinetic parameters 
a and 1% can be derived, to a certain approximation, from Eq. (16.21). 
If an alternating current is imposed on an electrode which is in equi- 
librium with the corresponding ions in solution. the electrode will 
be polarized cathodically during the cathodic half-period; the rel 


lion between n and i (provided that the rds is the discharge step) 
will be expressed through Eq. (16.30): 
1 NT In i 


azF 10 


a- 


Similarly, for the anodic half-period one has according to Id. (16.35): 
k= AT nt 
SN v n w 


When the potential is shifted sufficiently far away from equilibrium, 
-> 
lil—=lil=|i] 


and the difference |y | — |n | corresponds, by definition. to the redox- 
kinetic potential, I. e., 


=e = RT (1 1 ii m 
= A A ) In {i (17.1) 


a i-« iv 

From the last expression it follows that if & = 0.5, then 0. 
H c is diferent from 0.5, the value of V is no longer equal lo zero, 
and tho more @ departs from 0.5, the higher will be the absolute 
value of the redox-kinetic potential. If the value of œ is determined 
by another method, the redox-kinetic potential can be used for 
evaluating the exchange current. 

The faradaic rectification effect lies at the basis of one of the modi- 
fication of the polarographic method of analysis (radiowave pola- 
rography). 

The kinelies of electrochemical processes is studied nol only by 
electrical methods. For example. radioactive isolopes are used to 
delermine exchange currents and to investigate the adsorplion on 
electrodes. A number of methods have been devised and applied 
in studying the kinetics of particular electrochemical reactions. 
For instance, thin metal membranes are usod to study the diffusion 
of electrolytically formed hydrogen into the bulk of the olectrode 
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and Lo establish the relation belween this process and the transfer 
of the potential to the non-polarizable side of the membrane. By 
studying the lemperature dependence of the rate of electrochemical 
reactions one can understand better the nature of these reactions. 
The rate constant of a chemical reaction, i.e., the reaction rate 
at unit concentrations of reactants is related to temperature by the 


Arrhenius equation: 
Ink- Af (17.2) 


where u = energy of activation 

B =a temperalure-invariant constant depending on the 
reaction type. 

The temperature coefficient of the rate conslant 


dink 
MO (47.3) 


is thus determined by the energy of aclivation. 

For electrochemical reactions the rate constant k may be replaced 
by an equivalent quanlity—the current J or current density i. 
A mere substitution of the current J for the rate constant however 
does not yet render Eq. (17.3) applicable to electrochemical reactions 
becasse the activation energy of these reactions is dependent on the 
electrode potential (Temkin, 1948). With changing electrode poten- 
lial the activalion energy of the same electrochemical reaction 
al given concentrations of reacting substances may vary within 
wide limits. Therefore, a comparison of the rates of an electroche- 
mical reaclion at different temperatures makes sense only when the 
electrode potential remains constant. Thus. for electrochemical 
reactions Eq. (17.3) should be rewritten in the form: 


(52), m (47.4) 


oT RT? 


where we is the energy of activation at a given potential e. Since 
the condition for the constancy of the electrode potential at diffe- 
rent lemperatures is unfeasible, measurements are carried out with 
the overpotential ņ being kept constant: 


o ln i un - 
(^). KTE (o9) 


Equation (17.2) rewritten for electrochemical reactions has the form 


z un 7 
In in B- Af (17.6) 
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In contrast to the activation energy Ne al constant potential, the 
activation energy un al constant overpotential is called the effective 
activation energy. 

The applicability of Eqs. (17.5) and (17.6) to electrochemical 
reactions was proved by Gorbachev and coworkers (1950). They 
showed that on the basis of the activation energy un and its depen- 
dence on polarization n one can draw inferences as to the nature 
of polarization. For example. if the aclivation energy is close to 
3 keal mole and is almost independent of overpotential. the appea- 
rance of an overpotential should most probably be ascribed to the 
slow occurrence of diffusion. Conversely. if the activation energy 
is high (about 10 kcal/mole or higher) and decreases noticeably with 
overpolential, this is indicative of the chemical nature of the over- 
potential. The Gorbachev method of studying kinetically electro- 
chemical processes, which is based on the delermination of the 
activation energy and ils dependence on various factors. is termed 
the femperature-kinetic method. This method finds ever increasing 
use for investigating the kinetics of the electrodeposition and electro- 
dissolution of metals. 


17.3. PREPARATION OF SOLUTIONS 
AND ELECTRODES FOR ELECTROCHEMICAL STUDIES 


The high response of the electrode potential during the passage 
of a current to changes in the solution composition. particularly 
to the presence even of negligible amounts of surface-active sub- 
stances and catalytic poisons calls for special care in preparing 
solutions and electrodes for studies of electrochemical kinetics. 
This circumstance was overlooked in early works and many old 
data on chemical polarization cannot therefore be trusted. 

A procedure for hydrogen evolution on mercury providing reliable 
polarization data was developed by Frumkin's school (1027). IL 
involves removal of gases from solutions, preliminary electrolysis 
of the latter and also special preparation of the electrode surface. 
The purity of solutions is imporlant not only in the cathodic evolu- 
tion of hydrogen but also in the electrodeposition of metals. Purity 
requirements in electrodeposition of metals which ensure obtaining 
reliable data were recommended by Vagramyan. A special procedure 
for preparing solutions and electrodes was employed by Antropov 
and Mizgireva in studying the kinetics of the electrochemical reduc- 
lion and oxidation of inorganic and organic substances. Later 
Bockris formulated some general rules for making solutions of 
required purity. 


CHAPTER 18 
Polarography 


Kinetic regularities specific for electrochemical reactions con- 
stilute the basis of one of the most perfect and universal methods 
of research and chemical analysis called the polarographic method 
or polarography. The name polarography reflects its close relation 
to polarization phenomena observed in electrolysis. This technique 
was introduced by the Czechoslovak electrochemist Jaroslav Heyrov- 
sky") in 1922. Three years later Heyrovsky and Schicata designed 
an apparatus, known as the polarograph, for automatic polarographic 
analysis. 

The polarographic method proved to be so promising and interest- 
ing that it left behind older electrochemical methods such as con- 
ductometry, potentiometry and electroanalysis. 


18.1. CLASSICAL POLAROGRAPHY 


The chemical analysis of a solution in polarography is carried out 
with the aid of current-polential curves. These curves are traced 
by using a special cell including a dropping-mercury electrode and 
any practically non-polarizable electrode, most frequently mercury. 
The latter is placed at the bottom of the cell; it has a large surface 
area as compared with the mercury drop. Since the current flowing 
through the polarographic cell is small (about 107? A) and the cell 
resistance is low, the ohmic potential drop is negligible. The current 
density at the macroelectrode is also small owing to the large surface 
area and causes no perceptible change in the electrode potential. At 
the same time the surface area of the drop does not exceed 0.1 cm? 
and therefore the current density here is hundreds of times higher 
and may cause its potential to deviate considerably from the equi- 
librium value. In fact, the buildup (or drop) of the voltage across 
the polarographic cell with current should be wholly ascribed to the 
change in the potential of the dropping-mercury electrode. f 

Tho polarographic setup is shown schematically in Fig. 18.1. 
In polarographic experiments, the potential appliod across the cell 


1) J. Heyrovsky was awarded the Nobel prize in 1959 for this contribution to 
electrochemical methods.— Tr. 
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is varied and the current is measured as a function of this potential, 
i.e., current-potential curves or curves of current versus the potential 
of the dropping-mercury electrode are plotted. The potential can be 
varied by means of a potentiometer and the current is measured 
with a microammeter (so-called visual polarography). For analytical 
purposes it is more convenient to use aulomatic polarography: a po- 
tential varied in a predelermined manner is continuously applied 
across the cell and the corresponding varialions in the current are 
automatically recorded either 
on photographic paper by a light 
beam from a mirror galvanome- 
ler or on ordinary paper by me- 
ans of a pen recorder. 

If the solution contains only 
one species of particles capable 
of undergoing reduclion at the 
mercury electrode at a certain 
potential, the resulting curve 
will have the shape shown in 
Fig. 18.2. If several species of 
particles reducible at different 


li potentials are present in the so- 
: . lution, a curve of the form shown 
Fig. 18.1. Polarographic setup in Fig. 18.3 is obtained. Such 


curves are called  poiarograms 
and a section corresponding to the reduction of a deliniie species 
is known as tho polarographic wave (or step). 

Qualitative polarographic analysis is based on determination 
of half-wave potentials (the potentials corresponding to inilection 
points on polarographic waves, where the current is half the limit- 
ing current) and on their comparison with the known half-wave 
polentials of various substances. Quantitative polarographic analy- 
sis is based on the measurement of wave heights corresponding to 
diffusion limiting currents of reduction. 

The polarographic wave equation for the reduction of the ions 
of a metal soluble in mercury can be deduced as follows. According 
to Eq. (7.57) the equilibrium potential of an amalgam electrode 
is determined by the ratio of the ionic activity of a metal in the 
solution to the activity of its atoms in the amalgam: 


e= 8 In 
ci zF 4510118) 


In polarographie measurements, use is made of solutions diluted 
with respect to the ions being determined and corresponding dilute 
amalgams are produced al the cathode, and therefore in Eq. (7.57) 


Typical polarographic curve correspondin: 
a Angle posten ot particles E to the reduction? ot 


Fig. 18.3. Polarogram 
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the activities may be replaced by the concentrations: 


n ——— (18.1 

*M(Hg) ) 
An amalgam is formed when the metal ions are discharged at the 
surface of the mercury drop. The concentration of the amalgam 
must therefore be proportional to the current: 


Cung) = & (18.2) 


In polarographic analysis, the concentralion of a given substance 
is always determined in a solulion containing an excess of an indi- 
fferent substance, which is termed the background or supporting 
electrolyte. The background electrolyte suppresses the migralion 
of the ions to be determined. these ions being transported to the 
surface of the mercury drop exclusively by diffusion. Under these 
conditions the limiting current Ja (the maximum diffusion current) 


is proportional to the concentration of the reducible substance in the 
solution: 


Ia = er (18.3) 


and corresponds to complete depletion of the solution in ions to be 
determined near the drop surface, i. e., ci = O. 

At any current 7 lower than 74 the concentration of metal ions 
is different from zero and corresponds to the value Car Which 
determines, according to Eq. (18.1), the electrode potential. Under 
these conditions the diffusion current is equal to 
es = 


I= (e. — c-) 


Using Eq. (18.3), one can rewrite the last expression in the following 
form 


I = Ia — Nenn- 


whence 

Cyr 5 (a) (18.4) 
Substituting the values of czung) and Cyt from Eqs. (18.2) and 
(18.4) into Eq. (18.1), one has 


A | 


e eo PT qn kk? — Ag In 7 (18.5) 


If 
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then 


e= eD AT in tk" = £5 


where £j, is the half-wave potential determined by the nature of 
discharging ions but not by their concentration. Upon substituting 
the value of the half-wave potential Eq. (18.5) simplifies to 

K * ey, — g- In TT (18.6) 

Equation (18.6). derived by Heyrovsky and IIkovie in 1935. 
is the basic equation of the polarographic wave. It is applicable not 
only to tlie discharge of the ions of metals soluble in mercury bul 
also lo many other electrode processes, particularly reduction- 
oxidalion reactions. 

For reaclions involving noticeable chemical polarization the slope 
of the e vs. In (Jla — I) straight line is usually greater than the 
quantity 7. 2H. This can be taken care of by introducing a factor 
La into Eq. (18.6), it being assumed that 0 « 2 « 1. 

Equation (18.6) shows that at J = Ja the electrode potential 
tends lo an infinitely large negative value and under these conditions 
an almost horizontal plateau would be expected to appear on the 
I vs. e curve, corresponding to a sharp change in the potential at 
a small variation of the current (see Fig. 18.2). In reality. the poten- 
lial is displaced to a value at which the next electrode process is 
possible and a second, third, etc.. polarographic wave may appear 
(see Fig. 18.3). The quantity Ja. governing the shape of a polaro- 
graphic wave and related to the concentration of the reducible 
substance by the expression (18.3). is the so-called mean diffusion 
limiting current. When a dropping-mercury electrode is used. the 
diffusion current changes periodically because the surface area 
of the drop grows continuously during its formation from a very 
small value (at the moment immediately following the release 
of the previous drop) up to a certain maximum value (at the moment 
just before the expanding drop falls off). This change of the instan- 
taneous current Ja during the growth of a mercury drop is shown 
in Fig. 18.4. The instantaneous current 74 and the mean current Jy 
can be calculated by the Ilkovic equations: 


Ia = TOZA m/Y. (18.7) 
and 
Ia = 6062 t (18.8) 


Equations (18.7) and (18.8) determine the instantaneous current Ia 
and the mean current Ia in microamperes if the quantities contained 
in them are expressed in the following units: the Faraday number F 
in coulombs (this quantily has been included in the numerical 
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factors); the concentration c of the reducible substance or ion 
expressed in mmole/litre; the diffusion coefficient A in cm*-sec~!; 
the rate of mercury flow m in mg-sec^!; the drop-time or the lifetime 
of a single drop, t, in seconds. 

Equation (18.8) could be used as a basis for calculating the con- 
centration of the unknown substance from the limiting current 7, 
on the polarogram and the product mst previously found for 
the capillary if the diffusion coefficients A were known with suffi- 
cient accuracy. The values of diffusion coefficients however cannot 


t; 2t, 3t; £ 


Fig. 18.4. Variation of current during the formation, growth and release of 
a mercury drop: 


t, —drop-time; 1—true current; 2—current measured by galvanometer: - mian current 


be considered reliable; besides, they depend on the overall composi- 
lion of the solution and therefore in quantitative analysis resort is 
made to special procedures, which are also based on the l!kovic 
equation. For example. according to one of the methods polarograms 
are taken for a series of solutions containing the same amount of the 
background electrolyte but different amounts of the substance to 
be analysed. The calibration c vs. Ig curve obtained from these data 
is then used to delermine the concentration c from the measured 
current Ja. In another variant, a polarogzam is prepared for the 
test solution and 74 is determined, after which a fresh portion of the 
solution containing a definite amount of the substance to be analysed 
is introduced into the cell and a new polarogram is taken. The amount 
of the substance in the original sample is found from the known 
volumo of the solution by comparing the currents. And, finally, 
where a series of tesis of the same substance is to be made, standard 
solutions containing a known amount of the substance lo be analy- 
sed are used, and the concentration of this substance in the test 
sample is found by comparing the limiting currents in the sample 
and in the standard solution. 
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The polarographic method is particularly convenient for determi- 
ning Uhe content of metals in alloys, for analysis of minerals and 
ores, and for detecting metal impurities in various preparations. It is 
also used for quantitative delermination of many organic substances 
capable of undergoing reduction or oxidation and of oxygen in 
technical gases, etc. The error in polarographic analysis of various 
substances does not exceed 2-5 per cent if their content in the sample 
ranges from 107? to 107? mole/litre. In some cases the sensilivity 
of the polarographic method is still higher. For example, platinum 
salis. cysteine, cystine and other organic compounds containing 
—SH and —N Ha groups can be detected and determined quantitatively 
even when their concentralions are as low as 107° to 107* mole/litre. 
In the presence of platinum the hydrogen wave starts at more posi- 
tive potentials and its height increases with platinum concentration 
in the solution. These effects are probably associated with the fact 
that the evolution of hydrogen proceeds much more readily on pla- 
tinum than on mercury. The increased sensitivity of the method 
in the presence of compounds containing —SIT and — NH; groups 
should he attributed to their catalytic effect on the process of hydro- 
gen evolution. In this case the hydrogen wave originates al higher 
than usuel positive potentials and has a greater height. 

The clícct observed in the presence of organic substances is explai- 
ned on th: basis of the Brénsted theory, assuming an equilibrium 
in soluticus of these substances: 


B + H,0* = BH* + H,0 (18.9) 


where B i~ ihe basic and BH“ its conjugate acidic form of the organic 
substance. The acid BH* is discharged at the mercury drop lo pro- 
duce an uncharged complex BH: 

BH* + e = BH (18.10) 


which (hen decomposes with liberation of hydrogen and recovery 
of the original substance: 


2BH = 2B + H; (18.11) 


All these reactions proceed at a higher rate than the direct evolu- 
tion of livdrogen. 

Polarography is also employed to investigate various physico- 
chemical phenomena. Polarograms can yield information about tlie 
type of reducible ions in solutions, the composition and stability 
of complexes, the number of electrons participating in the reduction 
reaction; they are used to study the kinetics of electrochemical 
transformations and. in particular, to find out the number of steps 
involved in electrochemical reactions. In all cases where reactions 
of electroreduclion are studied it is advisable to use a dropping- 
mercury electrode. It is precisely in reduction reactions that the 
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advantages of the DME are revealed to the full: surface purity 
owing lo the continuously renewed surface of the mercury drop; 
a wide range of negative potentials due to the high hydrogen over- 
potential at the mercury cathode. which makes it possible to carry 
out almost any reduction reaction; high reproducibility of the 
results obtained, elc. At the same time mercury is not quite suited 
for studying oxidation reactions and for analysis of anions because 
of the low oxygen overpotential and the possibilily of its oxidation. 
That is why. apart from dropping-mercury cathodes. solid microclect- 
rodes are also used in polarography. The best material for solid 
microelectrodes is platinum, which possesses high chemical stability, 
sufficiently high oxygen overpotential and good mechanical proper- 
lies. Platinum microelectrodes find use nol only in the study of 
oxidation processes but also in the polarographic analysis of fused 
salts (Delimarsky). Polarographic analysis with solid microclectro- 
des is conducted in the same way as with the dropping-mercury 
electrode. Steady-state diffusion is achieved in this case by using 
rotating or vibrating electrodes, by stirring the solution. etc. The 
renewal of the electrode surface and removal of reaction products 
from it is accomplished either mechanically or through electroche- 
mical dissolution. But even when all these measures are taken, the 
accuracy and reproducibility inherent in dropping-mercury electro- 
des cannot be achieved. For this reason polarography with solid 
cathodes has limited use and is resorted to only in cases where the 
use of dropping-mercury electrodes is impossible. 

Much attention has recently been paid to amalgam polarography 
in which dilute amalgams of some metals are used instond oi mercury. 
It has a number of advantages over true polarography in studies 
of diffusion and complex-formation and in determinations of exchan- 
ge currents. The procedure of amalgam polarography chables the 
qualitative identification not only of the complex predominating 
in the solution but also of the complex directly participaling in the 
discharge process (Strómberg). 


18.2. AMPEROMETRIC TITRATIONS 


The existence of a simple relationship between the concentration 
of a substance and its polarographic current was uxed for developing 
a sensitive and convenient analytical technique called the ampero- 
metric titration V. In this method, the diffusion limiting current serves 


D The term amperometric titrations was introduced by Kolthoff and coworkers 
(1939), This name is used extensively in polarographic literature. Other terms 
for this method are also known. For example. Majer (1936) coined the term 
polarimetric titrations since Lhe current passing through the polarized electrode 
is measured. The name suggested by Lange is limiting current titrations because 
the essential fact here is that the polarizable electrode indicates the limiting 
current. — Fr. 
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as an indicator. A change in the concentration of the substance 
to he determined (this substance is transformed in the course of 
litration into a form incapable of being polarographically reduced) 
is immediately reflected in the value of the limiting current. By 
measuring the current (at a constant potenlial of the dropping- 
mercury electrode in the region of limiting current) after each addi- 
tion of the titrant and plotting the limiting current as a function 
of the volume of reagenl added, amperometric curves are obtained. 


V 


(a) tb) (c) 


Fig. 18.5. Amperometric Litralion curves 


Some typical curves are shown in Fig. 18.5. Curve a corresponds 
Lo the case when the substance to be determined is polarographically 
aclive and the reagent used in lilrations gives no polarographic wave. 
Curve 4 is obtained when both the substance to be determined and 
the reagent added are capable of giving a polarographic wave. Curve c 
refers to a polarographically inactive substance titrated by a solution 
of a reagent giving rise to a diffusion current. Of particular interest 
is curve e. which shows that amperometric titrations can be used 
to delermine substances that do not lend themselves to ordinary 
polarographic methods. Thus, the possibilities of amperometric 
titrations are wider from the analytical point of view as compared 
with true polarography. Moreover. it ensures greater accuracy and 
permils using solid microelectrodes. 


18.3. POLAROGRAPHIC MAXIMA 


Polarograms are often more intricate than those shown in Fig. 18.3. 
If no special precautions are taken, sharply defined peaks or 
humps, called polarographic mazima, may appear on polarogrums 
(Fig. 18.6). Tho appearance of maxima interferes with analysis 
by distorting the shape of the wave and hampering the determina- 
tion of wave heights. 

Heyrovsky ascribes the occurrence of maxima to adsorption 
phenomena. He noticed that there are usually no maxima in the 
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immediate vicinity of the zero-charge potential and suggested that 
a distinction be made between positive and negative mazima, depend- 
ing on whether they appear on the rising or falling portion of the 
electrocapillary curve. 

The most comprehensive interpretation of the nature of polaro- 
graphic maxima was based on the conceptions formulated by Frum- 
kin. Bruns. [ofa and their colleagues (1934-39). According to these 
conceptions, the increase of the diffusion-controlled current above 
its normal value is caused by additional vigorous slirring of the 


| 
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Fig. 18.6. Polarographic maxima in the deposition of thallium nickel, and 
manganese 


solution near the mercury drop surface. Additional agilation of the 
solution is in turn caused by internal streaming in the mercury due 
to nonuniform polarization and the associated dillerence in the 
surface tension between different parts of the mercury surface. 
Streaming in the solution near the mercury drop was confirmed expe- 
rimentally by Stackelberg and Antweiler (1938) and also by Kryukova 
and Kabanov (1938). The direction of streaming is different for 
positive and negative maxima. Streaming occurs from the neck (top) 
of the drop in the case of positive maxima and in the reverse direclion 
al negative maxima (Fig. 18.7). 

The origin of streaming and the occurrence of polarographic 
maxima can be explained qualitatively as follows. Owing to the 
screening effect of the capillary the neck of the drop is less strongly 
polarized than its bottom. Suppose the potential difference between 
the neck and the bottom of the drop is Ae (Fig. 18.8). If this poten- 
tial difference appears on the rising portion of the electrocapillary 
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curve (which implies the appearance of posilive maxima). then lo it 
there will correspond the difference in surface tension Ao. Since 
the surface tension at the neck of the drop is lower than at the bottom. 
the mercury will stream from the neck to the bottom (Fig. 18.74); 
the adjacent solution layers taken along by this motion flow in the 
same direction. Fresh solution is thus brought to the neck of the 
drop, while partially exhausted layers of solution flow to the bottom. 
This process still further increases the potential difference between 
the neck and the bottom of the drop. the increase being the greater, 
the lower the concentration of the solution near the drop. i.e.. the 
more negalive its mean potential. Therefore the value of Ae does 
not remain constant and increases somewhat: Ae < Ae’ < Ae’. 


Dn Im 
- © 


(a) (e) 


Fig. 18.7. Streaming in a drop and in the adjacent solution layer: 
a- appearance of positive maxima; b—appearance of negative maxima 


Howe er, in spite of the increase of Ae due to the shift of the potential 
to the negative side, the quantity Ao (which is directly responsible 
for the motion) decreases and becomes vanishingly small on approach- 
ing the electrocapillary zero and the current drops to its normal value 
(Fig. 18.8). 

When dealing with negative maxima. the electrode potential 
being on the falling (negative) portion of the electrocapillary curve, 
the surface tension is lower at the bottom of the drop than thal at 
the neck, which 1s less negatively charged. The surface at the bottom 
therefore tends to expand and that at the neck to contract. this 
causing the mercury to move in the direction indicated in Fig. 18.75. 
In this case, fresh solution is brought to the bottom of the drop and 
the solution near the neck is partially exhausted. As a result. the 
polarization becomes less nonuniform. The levelling effect becomes 
stronger with decreasing concentration of the solution near the drop, 
i.e.. Ae decreases as the potential is displaced to the negative side, 
and this results in a gradual decay of the negative maximum (see 
Fig. 18.8). Another cause for the disappearance of the negative 
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maximum is the increase of the charge on the mercury surface wilh 
increasing distance from the electrocapillary zero. This must reduce 
the mobility of the surface layers of mercury and hence the intensity 
of molion of the solution. Í 
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Fig. 18.8. Variation of the potential difference Ae between the neck and the 
bottom of a mercury drop versus the corresponding difference in surface tension 
Ao for different sections of the electrocapillary curve 


Wy 


Fig. 18.9. Mechanism of suppression of a polarographic maximum by adding 
a surface-active molecular substance 


To avoid polarographic maxima and obtain normal polarograms, 
surface-aclive substances are added lo the solution under study. 
The most effective surface-aclive substances are those of the molecu- 
lar type (e.g. gelatine and various dyes). The mechanism of their 
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action can be explained with the aid of electrocapillary curves 
(Fig. 18.9). In the presence of such surface-active substances the 
surface tension remains practically constant over a wide range of 
potentials. In this case Aq is found to be close to zero and cannot 
provide an intensive tangential motion of the surface layers of the 
mercury. The ability of a particular surface-active substance to 
suppress polarographic maxima is linearly dependent on its con- 
centration in the solution. These results were used to develop a sen- 
silive method of quantitative determination of surface-active 
substances, thereby extending the range of 
applicability of polarography. This further 
enhanced the interest in the study of pola- 
rographic maxima. 
The occurrence of tangential motions of 
aliquid cathode at nonuniform polarization 
plays an imporlant role not only in pola 
rographic practice but also in preparative 
and industrial electrochemistry. This pheno- 
menon has served as a basis for designing 
original laboratory electrolytic cells, which 
intensify the process of electrosynthesis and 
automatically remove the products from 
the reaction zone (Starostenko). It has also 
been shown that the intensity of tangential 
molion: may sharply increase when dilute 
amalgams are formed and the heterogeneity Fig. 18,10. Streaming 
of the composition of the liquid electrode inside a drop during its 
is superposed on its polarization nonu- formation 
niformity  (Antropov). This intensified 
langential motion affects considerably the conditions of electroly- 
sis of chloride or alkali solutions with amalgam electrodes (Chviruk). 
In the absence of nonuniform polarization the formation of a mer- 
cury drop may itself give rise to streaming in its surface layer 
(Fig. 15.10). This streaming may entrain the solution layer adjacent 
lo the drop and increase the limiting current. The increase of the 
current observed in this case was examined by Kryukova (1940). 
who suggested that this current increase be named a mazimum of the 
second kind. In contrast to maxima of the first kind, maxima of the 
second kind occur most distinctly in the region of potentials adjacent 
to the electrocapillary zero. Tho charge in this region is small and 
does nol interfere with the motion of the mercury surface layers. 
The existence of maxima of the second kind has been utilized 
in developing the polarographic adsorption method of analysis. 
These maxima ensure a better reproducibility of results and higher 
sensilivity of the method than maxima of the first kind. For example, 
the presence of n-oct yl alcohol in the solution (up to 6 x 1079 mole/lit- 
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re) does not affect the height of maxima of the first kind observed in 
the reduction of oxygen. At the same time the height of the oxygen 
maximum of the second kind decreases by half if the solution con- 
tains only 3 x 1078 mole/litre of this alcohol. 

It has recently been found that adsorption phenomena can be 
studied quantitatively not only by using polarograms and maxima 
appearing on them but simply by mensuring the current on a singlo 
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Fig. 18.11. Effect of surface-active substances on the variation oi the current 
] during the growth of a single drop: 


i—In the absence of surface-active Substance; 2-s—in the presence of different (Increa- 
sing) amounts of surface-active substances 


expanding drop. The shape of a current-lime curve undergoes a noti- 
ceable change during the growth of a drop if the solution contains 
a surface-active substance. Besides, the amount of deviation from 
the normal shape of the curve is legitimately associated with the 
concentration of such a substance (Fig. 18.11). 


18.4. FURTHER DEVELOPMENT OF POLAROGRAPHY 


Polarography is developing along the path of increasing the sen- 
sitivity and accuracy of the method and extending the range of its 
potentialities. One of the variants of polarography providing increa- 
sed sensitivity is the differential polarographic method. In this 
method, instead of current-potential curves, use is made of deriva- 
tive curves of dI/de versus e. Such differential curves can be obtained 
in two ways. The first procedure consists in using two identical drop- 
ping-mercury electrodes in the same solution and applying lo one 
electrode a voltage several millivolts lower than to the other. In the 
second procedure, one deals, as usual, with a single capillary but 
makes use of special differentiating electronic circuits. A comparison 
of a simple polarogram with a diferential one is shown in Fig. 18.12. 
Qualitative and quantitative determinations with the aid of dife- 
rential polarograms are carried out by measuring potentials and 
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peak heights. An advantage of such polarograms is the possibili! y 
of identifying impurities of less noblo metals in a solution containing 
an excess of ions of more noble metals. This cannot be achieved 
by means of true polarography. 

New possibililies were opened up in polarography when electronic 
oscillographs entered the scene. These devices are used to register 
changes in potential and current with time. In the most widespread 
technique of oscillographic polarography. alternating voltage is 
impressed upon the cell and a potential-time curve is traced. whicli 


a 
et 
-€ 
Fig 18.12. Comparing the curves of ordinary (1) and differential (2) 


polarography 


consis!s of two portions—the ascending, cathodic branch and the 
descending, anodic branch. At frequencies of the order of 50 Hz 
the curve for the supporting electrolyte has the shape of a sine-wave 
(Fig. 18.13a). When the solution contains substances electrochemi- 
cally active on the dropping-mercury electrode the ascending and 
descending branches of the potential-time curve show time-lags 
corresponding respectively to reduction and oxidation of these 
substances. If these processes are reversible, time-lags appear at 
approximately the same potential (Fig. 18.13b); when they are 
irreversible the reduction and oxidation potentials are found to be 
different (Fig. 18.13c). When the frequency increases, say to 105 Hz, 
the sawteeth on the potential-time curve extend into lines, forming 
an oscillopolarographic spectrum. Each line in this spe 
corresponds to the reduction of a definite substance (the anodic 
branch of the sinusoid is usually omitted from the spectrum). An 
oscillopolarographic spectrum thus permits determination a the 
qualitative composition of a solution. For quantitative analysis 
il is necessary to use derivative oscillopolarographic curves. prefe- 
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rably de/dt versus e curves, the shape of which is shown in Fig. 18.14. 


fach minimum on the oscillopolarogram corresponds to the half- 
wave potential of a definite ionic species, and ils height is propor- 


(a) 


Fig. 18.13. Potentia]-timo curves in oscillographic polarography: 


-a—curve for the background electrolyte: b—curve obtained in the presence of a substance, 
the reduction and oxidation of which proceeds reversibly; c —ditto for irreversible processes 


tional to the ionic composition. The sawtecth on the cathodic por- 
tion of the oscillopolarogram symbolyze lead and cadmium; indium 
gives nosawlooth under the same conditions. The anodic portion of the 


Fig. 18.14. Derivative curves of oscillographic polarography 


curve shows three sawleeth, the last one corresponding to indium, 
oxidizable at a higher potential than cadmium. Combining cathodic 
and anodic oscillopolarograms widens the possibilities of this method 
as compared with classical polarography. 


PART SIX 


The Kinetics of Some Electrode 
Processes 


CHAPTER 19 
The Hydrogen Evolution Reaction 


19.1. GENERAL DESCRIPTION OF TOE PROCESS 


The electrolytic evolution of hydrogen in acid and alkalino solu- 
lions occurs in different ways. The source of hydrogen in acid solu- 
lions is hydroxonium ions which are discharged at the cathode 
to form hydrogen gas: 


2H40* + 2e = Ha + 211,0 (19.1) 


In the case of alkaline solutions it is assumed that electrons are 
directly added on lo water molecules which then decompose to yield 
hydrogen and hydroxyl ions: 

211,0 ＋ 2e = II; + 20H- (19.2) 


It is believed that reaction (19.2) may also proceed in acid solutions 

but ai bigh current densities. In certain cases hydrogen is evolved 

in acidic mediums directly from the molecules of the acid: 
21A + 2e = II. -+ 2A7 (19.3) 


This case is realizable when hydrogen is evolved at a mercury cathode 
from aqueous solutions of carbonic acid. 

Weak organic bases D are capable of catalyzing the cathodic evo- 
lution of hydrogen to form. together with hydrogen ions, positively 
charged adsorbed particles: 


B -- H,0* = Bl, - 20 (19.4) 
These particles are discharged 
BH, -+ e = BHaas 


and the unstable complexes formed are then decomposed into hydro- 
gen and the initial base: 


Ble, = B E. LH; (19.8) 
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rably de/dé versus e curves. the shape of which is shown in Fig. 18.14. 
Each minimum on the oscillopolarogram corresponds to the half- 
wave potential of a definite ionic species, and its height is propor- 


(a) (b) (C) 


Fig. 18.13. Potentia]-time curves in oscillographic polarography: 


-a —curve for the background electrolyte; b—curve obtained in the presence of a substance, 
the reduction and oxidation of which proceeds reversibly; c—ditto for irreversible processes 


tional to the ionic composition. The sawteeth on the cathodic por- 
tion of the oscillopolarogram symbolyze lead and cadmium: indium 
gi ves nosawtooth under the same conditions. The anodic portion of the 


Fig. 18.14. Derivative curves of oscillographic polarography 


‘curve shows three sawteeth. the last one corresponding to indium, 
oxidizable at a higher potential than cadmium. Combining cathodic 
and anodic oscillopolarograms widens the possibilities of this method 
as compared with classical polarography. 


PART SIX 


The Kinetics of Some Electrode 
Processes 


————————————— 


CHAPTER 19 
The Hydrogen Evolution Reaction 


19.4. GENERAL DESCRIPTION OF THE PROCESS 


The electrolytic evolution of hydrogen in acid and alkaline solu- 
lions occurs in different ways. The source of hydrogen in acid solu- 
tions is hydroxonium ions which are discharged at the cathode 
to form hydrogen gas: 


2H,0* + 2e = H, + 21I;0 (19.1) 
In tie case of alkaline solutions it is assumed that electrons are 
directly added on to water molecules which then decompose to yield 
hydrogen and hydroxyl ions: 

211,0 ＋ 2e = Hh, ＋ 20H- (19.2) 


[t is believed that reaction (19.2) may also proceed in acid solutions 

hut al high current densities. In certain cases hydrogen is evolved 

in acidic mediums directly from the molecules of the acid: 
2HA + 2e = IL, -+ 2A7 (19.3) 


This case is realizable when hydrogen is evolved at a mercury cathode 
from aqueous solutions of carbonic acid. 

Weak organic bases B are capable of catalyzing the cathodic evo- 
lution of hydrogen to form, together with hydrogen ions, positively 
charged adsorbed particles: 

B -+ H,0+ = BLI. -+ II20 (19.4) 
These particles are discharged 
BIiz,--e-HBH, 


and the unstable complexes formed are then decomposed into hydro- 
gen and the initial base: 


BI.. = B + Il: (19.6) 
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‘The acceleration of he hydrogen-evolulion reaction is probably 
associated with the fact that the aclivalion energy in the case of 
a multistep reaction involving consecutive steps (19.4) lo (19.6) 
is lower than in the direct discharge of hydrogen ions according 
to (19.1). In neutral mediums, e.g. in salt solutions, the evolution 
of hydrogen may proceed according to both schemes (19.1) and (19.2). 
Which mechanism will predominate depends on the solution pH 
and the nature of the salt. Experimental data obtained in recent 
years confirm the mechanism of "secondary hydrogen evolution", 
which was in vogue in the early days of electrochemical science and 
was later rejected. According to this mechanism the primary act 
is the discharge of ions of an alkali metal, M*. with the formalion 
of a corresponding metal or its alloy with the cathode material: 


Mt + e = IM] (19.7) 


Hydrogen is evolved at the subsequent step of interaction of the 
alkali metal (its alloy or amalgam) with the solvent particles: 


[M]+ H0 — H. MOH (49.8) 


This mechanism of hydrogen evolution is most probable in the 
electrolysis of alkaline solutions or solutions with a high concentra- 
tion of an alkali-metal salt and on cathodes of high hydrogen over- 
potential (e.g. mercury, lead). Experimental facts established in 
investigations of the electroreduction of organic substances (Antro- 
pov, Smirnov) point to the incorporation of alkali metals into 
cathodes made of lead and cadmium. These observations are suppor- 
ted by experimental data obtained by other authors (e.g. Iv abanov). 
For metals of low hydrogen overpotential the secondary evolution 
of hydrogen is considered less probable. Still. some researchers 
(e.g. Matsuda) believe that for the formation of hydrogen on plati- 
num cathodes the bulk of experimental data is also best explained 
by scheme (19.7)-(19.8). Reactions (19.1), (19.2) and (19.3) written 
in the reverse order will represent the sequence of the anodic disso- 
lution of hydrogen gas with the formation of water, hydroxyl ions 
or acid molecules. 

The hydrogen-evolution reaction at the cathode takes place at 
a potential e more negative than the reversible potential €r corres- 
ponding to the pH of a given solution: 


RT 
en In a+ = — b*pH (19.9) 
In most cases the difference between the electrode potential arising 


from the passage of a current on hydrogen evolution and the polen- 
tial of the equilibrium hydrogen electrode under the same conditions 


e — en 
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is identified with activation polarization since concentration pola- 
rization is small here and may be disregarded. The insignificant 
role of diffusion limitations in the kinetics of the cathodic hydrogen 
evolution in acidic solutions will become clear if one takes into 
account that the mobility of hydrogen ions is considerably high 
as compared with all other ions. When hydrogen is evolved from 
alkaline solutions, concentration polarizalion must be lower owing 
to the very high concentration of discharging particles (water mole- 
cules). Hence. the quantity 


e — EH = TH (19.10) 


which is known as the hydrogen overpotential (or overvoltage), 
may be regarded as a direct measure of the irreversibility of the 
electrochemical hydrogen-evolution process. The value of hydrogen 
overpotential and its dependence on various factors must therefore 
be closely related to the nature of the cathodic hydrogen- 
evolution reaction. 

Study of hydrogen overpotential enables one to identify the 
mechanism of hydrogen evolution and is therefore of great interest 
from the theoretical point of view. Regularities established for hydro- 
gen overpotential can partly be extended to other cases of electroche- 
mice! kinetics, which considerably raises the theoretical signifi- 
cance of works on hydrogen overpotential. Investigation of hydrogen 
ovechotential is also of great practical importance since present- 
day industrial electrochemistry is primarily the electrochemistry 
of aqueous solutions and the processes of electrolytic decomposition 
of water can be superimposed on any cathodic or anodic reaction. 
The magnitude of hydrogen overpolential constitutes a consider- 
able fraction of the voltage in cells for electrolysis of water and 
chloride solutions. Knowledge of its nature makes it possible to 
lower hydrogen overpotential and hence to reduce the consumption 
of electric power, thereby improving the economic efficiency of 
these processes. In other cases (electrodeposition of metals, cathodic 
reduction of inorganic and organic substances, operation of chemical 
sources of current) knowledge of the nature of hydrogen overpotential 
allows one to tackle the reverse problem—the search for rational 
ways of increasing it. All this explains why the study of the catho- 
dic hydrogen-evolution reaction and of the nature of hydrogen over- 
potential has always attracted the attention of electrochemists. 


19.2. DEPENDENCE OF HYDROGEN OVERPOTENTIAL 
ON CURRENT DENSITY AND ELECTRODE MATERIAL 


The dependence of overpotential on current density observed 
in the evolution of hydrogen from solutions of mineral acids and 
bases and also from aqueous solutions of salts incapable of dissocia- 
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ting into surface-active ions may be described by Fig. 16.2 (see 
page 381) or by Fig. 19.1. In the region of small deviations from 
the equilibrium potential the relation between overpotential and 
current density is linear: 


y= Ri (19.11) 


As the potential moves farther away from the equilibrium value 
(with increasing current density) the linear relation changes into 
a semilogarithmic one: 

y= at blogi (19.12) 


For some metals, e.g. mercury, this semilogarithmic relation 
with constant values of a and b holds up to the highest current den- 
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Fig. 19.1. Electrode polarization (electrode potential) versus current density 
for hydrogen evolution on some metals (after Kolotyrkin) 


sities so far attained (see Fig. 16.2). For other metals. c.g. lead and 
platinum, in a certain region of current densities a new semilo- 
garithmic straight line appears, with a changed and b being the 
same (lead) or diíferent (platinum) (see Fig. 19.1). 

It can be seen from Table 19.1 that the value of a varies widely 
from metal to metal: from 0.1V for platinum to 1.5V for lead. Apart 
from the electrode material, the value of a is also affected by the 
slate of the electrode surface. The constant a falls when the electrode 
surface becomes loosened and free of oxide films. The value of b 
varies within narrower limits — from 0.03 to 0.12 and only in rare 
cases (for technical and oxidized metals) does it exceed 0.12. Low 
values of b are observed for metals of the lowest overpotential (with 
à minimum value of a), e.g. platinum and palladium. For many 
metals, including all metals of high overpotential, the value of b 
is about 0.12. 
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TABLE 19.1 


Values of Constants « and & in Tafel's Equation for Cathodic 
Hydrogen Evolution on Different Metals, f= 202-29C 


Acidic Alkaline y Acidic Alkaline 
Metal solutions solutions i Metal solutions solutions 
—————————— 
a | b | a | b i a | b 
Ag | 0.95 |0.10 | 0.73 | 0.12 | Mo 07 | 0.14 
Al 1.00 | 0.10 0.64 | 0.14 j| Nb — — 
Au U.40 | 0.12 — i Ni 65 0.10 
Be 1.08 | 0.12 — = 3 Pb .36 0.25 
Bi 0.84 | 0.12 — — Pd 53 0.13 
Cd 1.40 | 0.12 1.05 | 0.16 | Pt 31 0.10 
Co ; 0.62 | 0.14 0.60 | 0.14 Sb — — 
Cu 0.87 | 0.12 0.96 | 0.12 Sn 1.25 | 0.23 
Fe | 0.70 | 0.42 0.76 | 0.11 | Ti 0.83 ; 0.14 
Ge | 0.97 | 0.12 2 — iT Er ES 
Hg 1.41 | 0.114 1.54 | 0.11 | W — — 
Mn 0.8 0.10 0.90 | 0.12 | Zn .20 0.12 


f 1 

Measurements carried out in recent years with single crystals of 
various metals (copper, bismuth, chromium. cadmium, nickel, tin 
and lead) have shown that the hydrogen overpotential largely de 
pends on the symbol of the single-crystal face on which hydrogen 
is csthodically evolved. Therefore hydrogen overpotentials found 
for solid cathodes of polycrystalline structure represent average 
values, They may vary depending on the percentage of exposure 
of different crystal faces. 

Many attempts have been made to establish a relationship between 
the hydrogen overpotential on a given metal and some other of its 
physical properties: catalylic aclivity with respect to recombination 
of free hydrogen atoms, melting or evaporation heal. electronic 
work function, minimum interatomic distance in crystal lattice. 
compressibility. ele. For example. an inference has been drawn in 
these studies that the higher is the melting point of a metal the 
lower will be its hydrogen overpotential; this observation however 
cannot be accepted even as an approximate rule. Bonhoeffer (1924) 
found that the higher the catalylic activily of a metal for recombina- 
tion of hydrogen atoms. the lower is the hydrogen overpotential 
on it, i.e., in a series of metals these properties increase in opposite 
directions: 
catalytic activity — 

Pb, Sn, Zn. Cu, Ag. Fe, Ni. W, Pd, Pt 


-- hydrogen overpotential 
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Kobozev (1947) and also Bockris (1951) found a relationship between 
electronic work function and hydrogen overpotential. Comparing 
the hydrogen overpotential with the minimum inleratomic distance 
in metals, Khomutov (1950) established that the lowest overpolential 


is observed on metals with an interatomic distance of about 2.7 A; 
the overpotential rises regularly as this distance increases or decrea- 
ses. In his later works Khomutov noted that the interatomic distance 
at which the overpotential is minimal is close to the diameter of the 
water molecule and proposed a modelistic method for calculating 
the coefficient b in Tafel's equation. According to Lorenz (1950) 
the following relation exists between the constant a and the electro- 
nic compressibility x, 


1 


19.3. EFFECT OF SOLUTION NATURE 
AND COMPOSITION ON HYDROGEN OVERPOTENTIAL 


The greatest number of investigations of hydrogen overpotential 
have been carried out with aqueous solutions. However. tor mercury 
(and, with lower accuracy, for some other metals) there have also 
been obtained data in nonaqueous acid solutions. The hydrogen 
overpotential on mercury during hydrogen evolution from a solu- 
tion of hydrogen chloride in ethyl and methyl alconol: is lower 
than for aqueous solutions. Data obtained for mixet events are 
rather uncertain. The nature of the solvent is less inportant for 
metals of low overpotential. The relation between the hydrogen 
overpolential and the solvent nature has not yet been accurately 
established, though some published data indicate tha! Jor copper 
and nickel the values of hydrogen overpolential are slightly higher 
in alcohol solutions than in aqueous ones. 

The effect of the solution pH on hydrogen overpotential has been 
studied most thoroughly for mercury cathodes. [t has been found 
that in solutions of pure acids at concentrations up to 0.1 g-eq/litre 
the hydrogen overpotential is not a function of pH. At higher con- 
centrations the overpotential becomes dependent on pH., decreasing 
with increasing acid content. the ratio An/ApH being about 60 mV. 
If solutions contain an excess of extraneous (indifferent) electrolyte, 
apart from the acid, the variation of overpotential with pH is also 
observed at acid concentrations lower than 0.1 g-eq/litre. Tn alkaline 
solutions, al an alkali concentration of 0.1 g-eq/litre and higher. 
the hydrogen overpotential decreases with increasing concentration. 
In the presence of an excess of extrancous ions Lhis variation of over- 
potential with pH is also observed for dilute alkaline solutions. 
The dependence of hydrogen overpotential on pH at mercury in 
solutions containing a constant excess of extraneous ions is shown 


2 4 6 8 @ 2 f pH 


Fig. 1:.2. Relation between the overpotential in hydrogen evolution on a mer- 
cury cathode and the solution pH al different current densities: 


I—1| x 10-* Aſemt; FI—! x 10 A/cm? 


contrast Lo mercury, however, in this case the overpotential varies 
only slightly with pH and does not obey a simple linear law. The 
hydrogen overpotential on lead and on platinum is almost inde- 
penden! of the solution pH. 

Hydrogen overpotential is highly sensitive to the presence of 
foreign substances in the electrolyte. The addition of salts to dilute 
acid solutions increases the hydrogen overpotential on mercury; 
for example. a tenfold increase of the concentration of a uni-univa- 
lent electrolyte (al constant pH) increases 1 approximately by 
55-58 mV. Tho initial addition of an electrolyte with a polyvalent 
calion exerts a stronger effect than an equal addition of a uni-univa- 
lent salt. Substances with surface-active anions have the strongest 
influence on the hydrogen overpotential on mercury in the 
region of small current densities, reducing it by tenths of a volt. 
Conversely, surínce-aciive cations increase the hydrogen overpo- 
tential on mercury in a wide range of current density. Surface- 
aclive molecular substances either increase or decrease the value 
of en on mercury depending on their nature. The effect of these sub- 
stances becomes weaker with increasing current density and comple- 


27 .0303 


420 Part Sir. The Kinetics of Some Electrode Processes 


19.5. POSSIBLE STEPS AND PATIIS 
FOR THE CATHODIC HYDROGEN EVOLUTION REACTION 


Reactions (19.1), (19.2) and (19.3) represent the overall cathodic 
bydrogen-evolution process under different electrolysis conditions. 
This process involves a series of consecutivo steps and may Lake 
different paths depending on the conditions chosen. Tho first step 
the transport to the electrode surface of particles from which hydro- 
gen is cathodically evolved —proceeds almost unhindered here. The 
next slep is the discharge of hydrogen ions (or water molecules) 
with the formation of adsorbed hydrogen atoms: 


IT,0* + e = Hoa, + H20 (19.14) 
or 
HO + e = Haas -+ OH- (19.15) 


Irrespeclive of whether the discharge occurs from an acidic or 
alkaline medium, it will produce adsorbed hydrogen atoms 9. 
For steady-state electrolysis conditions to be attained i: is necessary 
that the surface concentration of hydrogen atoms be kept constant, 
i.e., that they be continuously removed from the cathode surface. 
Hydrogen atoms can be removed in three ways: by catalytic recom- 


bination, electrochemical desorption or emission. Iv u catalytic 
mechanism hydrogen atoms are recombined into n:siscules and 
simultaneously desorbed: 

Haas + Haas = He (19.16) 


the electrode metal serving as the catalyst. Kobozev ax-uined that. 
apart from ordinary molecules, there may appear in clectrolysis 
products vibrationally exciled hydrogen molecules H7 owing to the 
specificity of an clectrochemical process, in which adsorbed hydrogen 


V The author of this book has suggested a mechanism for the clectrolytic 
evolution of hydrogen from alkaline solutions, which does not involve the for- 
mation of adsorbed hydrogen. According to this mechanism, two associates con- 
sisting of two water molecules (H50); each, to which two electrons add on succe- 
ssively, are discharged: 


(H20): + e =(1420)3; (IlO) + e = (H,0)3-; (HOH = Ha + 2011- 
This reaction is analogous to the recombination of two hydrated electrons é, 
ea + faq = Hz + 20H- 

A hydrogen evolution reaction in which hydrated electrons é, are involved and 
ao hydrogen adatoms are formed is also possible in principle in tho case of acid 
solutions, especially on cathodes of high overpotential and small heat of adsor- 


ption of hydrogen atoms: it may proceed, for example, according to the follo- 
wing scheme: 


PH 


zaq + H30* = H + HO 
H + H,0+ = H}-H,0 
Ht-H,0 + £,, = H: + H;O 
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atoms are forced by the electrical current to land on any points 
of the cathode (including sites with a small heat of adsorption): 


Ha + Hf, = H? (19.17) 


In electrochemical desorption, the hydrogen aloms are removed 
from the electrode surface as a result of the discharge of hydrogen 
atoms (or water molecules) on the already adsorbed atoms according 
lo the equations 


H;,0* 4. Haas + e = Ho + H;O (19.18) 
or 
H0 + Haas + e = H: -+ OH- (19.19) 


In the emission mechanism, adsorbed hydrogen atoms evaporate 
from the electrode surface as free aloms: 


Haas = H (19.20) 


which then recombine into hydrogen molecules. 

The molecular hydrogen formed from the adsorbed atomic hydro- 
gen must be removed from the electrode-electro!yte interface into 
the gas phaso. 

Thos. the cathodic hydrogen-evolution process may be represen- 
ted by the following scheme: 


H30*-1- H;O in the bulk of the solution 


Transport to the electrode | (I) 


| H30* or H,O at the electrode surface | 


Discharge | (1I) 


H atoms adsorbed on the cathode surface | 


Catalytic l (Illa) Electrochemical | 2missi | 
desorption l desorption pee N l uno 


TI, in the electrodc-electrolyte zone | 


Trausfer into gas phase | (1V) 


| Gaseous molecular hydrogen | 
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Any one of these four steps may be rate determining and respon- 
sible for the appearance of hydrogen overpotential. In the present 
case the hindrances associated with the transport of substances 
(step I) are not essential. There is evidence. however, that at high 
current densities in acid solutions the discharge step should be des- 
cribed by Eq. (19.2) rather than by Eq. (19.9) owing to the slow 
rate of the transport of HO!“ ions. 

In the electrochemical hydrogen-evolution reaction the removal 
of adsorbed hydrogen atoms can be effected in several ways. If 
this step (step [II in the above scheme) is slow, then the rate of the 
overall process must be determined by the rale of the most effective 
of the above-indicated three desorption mechanisms. Slow recombi- 
nation, for example, implies that the catalytic formation of hydro- 
gen molecules is more strongly hindered than the discharge or trans- 
port step and at the same time proceeds much faster than electro- 
chemical desorption or emission of hydrogen atoms. At close values 
of the rate constants of parallel steps the removal of hydrogen may 
occur in several ways simultaneously ?. 

Let the slow step be denoted by A and the most «Peclive step, 
the removal of adsorbed atomic hydrogen, by B; the: :he most pro- 
bable combinations of these two steps can be represented as shown 
in Table 19.2. 

TABLE 19.2 


Possible Combinations of the Slow (A) and Fast (B) Steps 
of the Cathodic Evolution of IIydrogen 


ombi- Electro- Removal of 
Mechanism Discharge Recombt dri | poprie 
Volmer-Tafel B a 
Volmer-Heyrovsky A — n — 
Tafel-Horuiti — AB — — 
Heyrovsky-Horuiti — — AB — 
Diffusion — — — AB 


The Volmer-Tafel mechanism corresponds lo the case where the 
discharge step runs slow and theremoval of hydrogen atoms is accomp- 
lished by recombination. According to the Volmer-Ieyrovsky 
mechanism, the discharge is the slow step (rds) again. but the hydro- 
gen atoms are removed by electrochemical desorption. In the Tafel- 
Horuiti mechanism the recombination of hydrogen atoms determines 


? The problem of hydrogen removal from the cathode surface, which is of 
great importance for the understanding of the nature of the hydrogen evolution 
reaction was the subject of dispute between Kobozev's and Frumkin's schools 
(1940-56). 
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the rate of the overall reaction and at the same timo removes the 
hydrogen atoms formed in the discharge step, which proceeds without 
hindrances. The Heyrovsky-Horuiti mechanism is based on tho 
assumption that the overall rate is determined by the electrochemi- 
cal-desorption step, which is also the most effective way for remo- 
ving the adsorbed hydrogen. In the diffusion mechanism all the 
steps run faster than the removal of the molecular hydrogen dis- 
solved in the electrolyte layer adjacent to the electrode surface. 
Apart from the mechanisms listed in Table 19.2, other kinetic 
variants of the occurrence of the cathodic hydrogen-evolution reac- 
lion are also possible. For example, it may happen that the rate 
constants of two or more steps differ little from one another. When 
the conditions under which the reaction takes place change, one 
mechanism may be replaced by another. When the conditions on one 
and the same electrode remain constant, there may appear sites 
on it where hydrogen evolution will take place in different ways 
because of the inhomogeneity of the electrode surface. 

The possibility of one kinetic mechanism being replaced by another 
was considered by Hammett (1933) and in a more general way by 
Loshkh:rev and Esin (1938), and also by other authors. 

The actual mechanism of the cathodic hydrogen-evolution reac- 
lion uo: a given metal can be established on the basis of comprehen- 
sive experimental investigations and comparison of the results 
obtainc.i with the inferences following from the theories of different 
lypes of overpotential. 


19.5.1. ELECTROCHEMICAL OVERPOTENTIAL 
IN THE HYDROGEN EVOLUTION REACTION 


Electrochemical Reaction on the Free Metal Surface. 1f out of the 
two possible variants of the discharge of hydroxonium ions or water 
molecules— on a free cathode surface and on the already adsorbed 
hydrogen atoms—the first is realized, then it may be described 
by kinetic equations (16.80) and (16.81). Assuming that co = const 
and Or * f (i) and is very small (on & 1), these equations may be 
rewritton thus: 


nd - 


isi-is= Fela- FURT (Rey ose aer kügett - Fe/RT) (19.21) 


for acidic solutions and 


-> 


Pm Lp FeeFURT (en ae RT — coy nel iN Fe/RT) (19.22) 


for alkaline solutions. When e = e, and i = 0, thon capio 
and therefore one can write in place of Eqs. (19.21) and (19.22): 


=> 


i =F is ioela- DFURT (e-, e(1-2)FWRT) (19.23) 
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and 
i=i-i= igi e" PU RT (e- - e(1- a) Fn/RT) (19.24) 
respeclively. 


The quantity iia is given by the expression 


i y -aFe,/RT — — 
ia = Fkeg,oe e = FkOpe t OFERT 


or since 
RT c 
Her = ej + In Hr 
; cH 
and 


Ou zz cu, en = const 
it follows that 


— 


10 (1-2) „ d- : ks ; z 
iaia = Ff chisot ch H cli elt = sieci cl! (19.25) 


Under the same conditions the quanlity i24 is determined by the 
expression 


iam = siticen-cü (19.26) 
since 
CH30+ COH- = Ky 
At a considerable cathodic overpotential Eqs. (19.2% and (19.24) 
simplify to 
" p : t- E 3 2855 7 
lacia = i = igel He 7 Dν,Et¾ (19.27) 
and 
> I 2 
iam = i = siüncOn-Cite^ V RTe-aFn/RT (19.28) 


Taking logarithms of Eq. (19.27) and solving il for n, one gets the 
following expression 


RT , RT 1— 
n= Gp In atitciachy -. ln euo — 
1—« RT . , 
8 N In facta (19.29) 


or, afler changing Lo common logarithms and substituting the con- 
stant a for the first lerm, 


RT 1—« 


1—« 
Fa log h- 


q=at+2.3 = 


t—2.8 T logiseia (19.30) 


From Eq. (19.30) it follows that in concentrated acid solutions 
or in acid solutions of any concentralion but containing an excess 
of extraneous ions the overpotential at a given current will diminish 
at room temperature by (1 — a)/a 0.06V for a tenfold increase 
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of the hydrogen-ion concentration (i.o., a unit decrease of pH). 
Indeed, under the conditions chosen the Ẹ potential must be very 
small and constant. A change in the concentration of an acid (hydro- 
gen ions) will affect the overpotential only through tho second term 
of Eq. (19.30). Conversely, in dilute acid solutions a change in the 
acid concentration will not only delermine cho, hut also affect 
the value of the & potential. From the Stern theory it follows that 
the value of Ẹ must vary in the given caso with the acid concentration 
equal to the liydrogen-ion concentration according to the equation 


RT 
6 = const tF In en ce (19.31) 


Substituting this value of $ into Eq. (19.30) leads to the equation 


„ AT 1-4 


RT i-« 
n=a+2.3 F x 


log eng. — 2.3 -F "m log cy,0+ — 


RT : 
2.3. log igera=a—2.3 Pr log lie (19.32) 


from which it follows thal the hydrogen overpotential in dilute 
acid solutions is independent of the acid concentration. 

From Eq. (19.28) it follows that in alkaline solutions the following 
equation holds for the hydrogen overpotential: 


RT n RT RT « 

A In starch + ln con- -A Miar (19.33) 

or 

RT M RT " 

MET ES 2.3 F log con- ＋ 5— 2.3 Te log ais (19.34) 
Thus, in concentrated alkaline solutions or in alkaline solutions 
of any concentration but containing an excess of indifferent electro- 
lyte, where the € potential may be taken as constant and close to 
zero, (he overpotential al a constant current density and room tem- 
perature will fall by 0.06V for a 10-fold increase of the concentration 
of hydroxyl ions (or a unit increase of pH). In dilute alkaline solu- 


lions containing no indifferent electrolyte the b potential will be 
a function of tlie concentration of the alkali (OH- ions): 


S const + EE In con- (10.35) 
Substituting this value of b into Eq. (19.34) yields the equation 
N=a+2.3 2 log con- + 2.345 log con- — 2.3 x log ign, = 


=a 42x 2.327 log con- 2.327 log ian (19.30) 
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from which it follows that in this case the tenfold increase of Coil- 
(the unit increase of pH) decreases the hydrogen overpotential 
by 0.12V. 

Since the € potential is a function of the nalure and concentration 
of dissolved substances, the electrochemical hydrogen overpotential 
must depend on the solution composition. The £ potential and hence 
n must be most strongly affected by polyvalent ions and surface- 
active substances. An analysis of Eqs. (19.29) and (19.33) with 
account taken of the characteristics of the & potential leads to the 
conclusion that the introduction of extraneous calions inust increase, 
and that of extraneous anions decrease the electrochemical overpo- 
tential in the cathodic hydrogen-evolution reaction. 

From Eqs. (19.29) and (19.33) it also follows that the overpoten- 
tial must diminish under the influence of all factors thal increase 
the exchange current. The most important faclors sre the nature 
of the electrode metal and of the solvent. The effec! of these factors 
on the electrochemical overpotenlial can be qualilitisely estimated 
in a rather convenient way by\the potential-curve uh proposed 
by Horuiti and Polanyi in 1935 A ing this metho. these authors 
described the cathodic hydrogen-evdtation reactio. and deduced 
a qualitatively correct relationship ben the cicetrochemical 
overpotential and the current density. We Stall c cusider here. as 
an example, only the evolution of hydrogen from «cid solutions. 
The electrochemical act corresponds in this case {Oke transition 
of the proton from the hydrated-ion state to the slate of hydrogen 
atom adsorbed on the metal. In the course of this process tli.energy 
undergoes a change along the profile shown on the potential diary 
in Fig. 19.5. The left solid curve ABD shows the variation of | 
free energy of the hydrated proton as a function of the distance bet- 
ween the proton and the water molecule. In going from left to right 
in the direction of the electrode surface, i.e., in the direction of the 
discharge, the potential energy will increase (as a resull of the work 
done to stretch the H;0—H* bond, i.e., to partially dehydrate the 
hydrogen ion). The right solid potential curve corresponds to the 
increase (or decrease) of the free energy of the H—M system as 
a function of the distance between the adsorbed hydrogen atom and 
the metal surface. When going in the same direction (from the 
point of intersection of the curves) the potential energy falls under 
the influence of altractive forces arising between the metal surface 
and the hydrogen atom. The minimum of the right curve corresponds 
to the equilibrium position of the adsorbed hydrogen atom, i. e., 
io the M—H bond. Thus, the variation of the potential energy of 
a hydrogen ion during the discharge process is described by the 
potential-curve portion ABC. The change of the energy along the 
path CBA corresponds to the reverse process—the ionization of an 
adsorbed hydrogen atom with the formation of a hydrated hydrogen 
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ion. If an electron wore nol added at point B during discharge (or 
lost during ionization), then the left and right curves would extend 
to levels D and F, respectively. The D level characterizes the poten- 
tial energy of the system H* + H,O consisting of a free gaseous 
proton and liquid water. The distance between levels D and .1 
gives the lotal real hydration energy of a hydrogen ion, —AGqy.. 
The F level corresponds to the potential energy of the system H= M 


"S H,O-H* H-M 


Fig. 19.5. Effect of the heat of adsorption of hydrogen on a metal on the froe- 
energy change in the discharge step H 30“ -- e = Hags -+ H20 


ing of free gaseous hydrogen atoms and a solid metal. The 
distance ween F and C gives the energy of adsorption of atomic 
hydrogen on lectrode metal, —AGy. From Fig. 19.5 it follows 
that the activalion gy of the discharge step is lower than the 
total dehydration energy. Shailarly, the activation energy of ioni- 
zalion is lower than the energy desorption of a hydrogen atom 
from the metal surface. For instance activalion energy of the 
discharge of hydrogen ions on mercury al ze&ra overpotential is about 
20 keal/g-ion, while the hydration energy of hydrogen ions is close 
to 250 kcal/g-ion. Nevertheless, according to the niwdel the activa- 
tion energy of discharge and hence the hydrogen erpotential 
must depend on the solvation energy of hydrogen ions a 
energy (or heat) of adsorption of hydrogen atoms“. If one c 


D In fact, the solvation energy determines the standard potential; its rela? 
tion to the hydrogen overpolential is indirect and more complicated. 
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himself to aqueous solutions, for which the position of the left curve 
remains practically unchanged, then the point of its intersection 
with the right potential curve will he the lower, the greater is the 
heat of adsorption. In going from a metal with an adsorption heat 
—AGy to a metal with an adsorption heat — A611 (the right dashed 


— ae 
curve) the activation energy diminishes by an amount u — i. 
which is a certain fraction of the increment of the adsorplion energy 
—(AGy — AGy) of hydrogen. For this reason the electrochemical 


* L-H* H-M 


Fig. 19.6. Effect of the heat of solvation of hydrogen ions on 
chango in the dischargo step H+L Tell . 


the free-energy 


hydrogen overpotential must regularly fall with increasing adsorp- 
tion capacity of the electrode metal with respect to hydrogen atoms. 
On the other hand. when hydrogen evolves on a given metal the 
electrochemical overpotential must depend on the energy state 
of an ion in solution. Therefore the overpotential should he expected 
to vary also [rom solvent to solvent. It can be seen from Fig. 19.6 
that the hydrogen overpotential increases in going from a solvent 
in which the energy of solvation of the proton is lower lo a solvent 
with a higher solvation energy. 

Electrochemical Reaction on a Metal Surface Occupied by Adsor- 
bed Hydrogen Atoms. In this case hydrogen evolution proceeds 
according to schemes (19.2) and (19.3): 


H30* + Haas +e = Hz + H30 
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and 
11,0 + Hag, + e = H + Oli- 


and ils kinetics is described by Eqs. (19.4) and (19.5). As follows 
from the reaction equations, simultaneously with the charge lrans- 
fer step the adsorbed hydrogen atoms are taken off from the electrode 
surface and removed in the form of molecules. It is for this reason 
thal this type of electrochemical hydrogen overpotential is often 
called electrochemical desorption. 

The concept of the electrochemical desorption as a step determining 
the rate of the overall cathodic hydrogen-evolulion reaction was 
first formulated by Heyrovsky in 1925. According to Heyrovsky. 
the electrolytic evolution of hydrogen consists of three steps: 


1. H*-Fe =H 
2. H +e — H- 
3. Ht + H- =H, 


The first two steps proceed without difficulties, while the third 
step, elecirochemical desorption, runs slow. Using Heyrovsky's 
views and assuming that the concentration of hydrogen ions near 
the electrode surface is related to their bulk concentration by the 
Langmuir adsorption isotherm, Gerasimenko and Shlendik (1930) 
derived the following relation for the cathodic potential 


RT Ache 
l 


RT : 
e = const — r Ini + = n T Bea. 


(19.37) 


where A and B are the constants in the Langmuir isotherm. Though 
the Heyrovsky-Herasymenko-Slendyk theory contains a number 
of assumptions which cannot be considered valid at present, it is 
nevertheless of considerable interest. IL can be regarded as the first 
atlempt to take into account the adsorption of hydrogen ions and 
the effect of the solution composition (pH and extraneous electroly- 
tes) on the hydrogen overpotential. For example, from this theory 
it follows that in acid solutions containing a constant excess of an 
extraneous salt the overpotential should be expected to increase by 
2.8 RT/F upon 10-fold dilulion of the acid. The same conclusion 
follows from tho modern theory of slow discharge. 

Later, the Heyrovsky theory was substantially developed by 
Horuiti and his colleagues (1936). According to Horuili, the electro- 
chemical desorption of hydrogen in the electrolysis of acid solutions 
Proceeds as follows. Tho first step is the discharge and the formation 
of a hydrogen atom adsorbed by a motal H—M: 


HZO“ Ter M = H—M + H0 (19.38) 
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The adsorbed hydrogen atom interacts with an adsorbed hydroxonium 
ion to form an intermediate complex: 


H 
H—M-FH*—H,0—H,0/ ^M (19.39) 
Ng 
In this complex the particles II and H* are arranged symmetrically 
relative to the axis of the bond between the water molecule and the 
metal (H;O — M), forming a molecular ion II., which is bound 
to both the metal surface and the water molecule. The bonding with 
the metal is provided by a valency electron and that with the water 
molecule by the net positive charge of the ion. An intermediate 
complex may also appear when there is no discharge act and no adsor- 
bed hydrogen atom is formed. For this to occur it is necessary that 
one of the two neighbouring adsorbed hydrogen ions accept an 
electron. Thus, according to Horuiti, electrochemical desorption 
does not necessarily proceed via the discharge cf an hydroxonium 
ion on the metal surface already partly covered wiih hydrogen atoms. 
The next step is the discharge of the intermed:ate complex: 

H 
HOC \SM—e=H,+H,0--1! (19.40) 

*H* 


or 


H3,aas) + Ee Hs (19.41) 
Since the intermediate complex corresponds lo an acisorbed molecular 
hydrogen ion. At this last stage, the addition of «i: electron is accom- 
panied by the rupture of the bonds in the com ples and by the forma- 
tion of a hydrogen molecule, which is desorbed and removed [rom 
the electrode-electrolyte interface. The bond rupture in the inter- 
mediate complex and the strengthening of the bonds between the 
ydrogen atoms is associated with a radical intramolecular rearran- 
gement and requires considerable activation energy. Therefore 
this step may be Tegarded as slow and determining the rate of the 
overall hydrogen-evolution process, 

The Horuiti theory takes into account the degree of surface coverage 
with hydrogen atoms and ion-molecules and also the character of 
interaction botween adsorbed particles. In the simplest case the 
equations derived by Horuiti transform into Tafel’s formula. 


19.5.2. TILE CHEMICAL (REACTION) OVERPOTENTIAL 
IN HYDROGEN EVOLUTION 


The assumption that the hydrogen overpotential is determined 
by the rate of the reaction 


Hads + Hass = IH; 
i.e., is caused by the slow recombination of hydrogen atoms into 
molecules (catalytic desorption) was first suggested by Tafel in 1905 
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and formed tho basis of the first quantitative treatment of electrode 
kinetics. 

If the recombination is the slow step, then for the hydrogen evolu- 
tion reaction to proceed al a specified rate on the metal surface an 
excess of hydrogen atoms is needed compared with equilibrium 
conditions. At equilibrium, i.e., at the reversible value of the hydro- 
gen electrode potential, all steps of the electrode reaction are in 
detailed equilibrium: 

(H) 


i 
I40* = Iz Odds = Haa; 

Uu 

(H2) 


For example, to a definite partial pressure of molecular hydrogen. 
pus there corresponds the equilibrium surface concentration of 
hydrogen atoms, ciq). The usual equation for the reversible hydro- 
gen electrode 


a 
e= eo AT n 
Pus 
may therefore 5e replaced with the following equation 
a 
eet T py E (19.42) 
Her) 


which contains cp) in place of py,. The rate of the recombination 


of adsorbed a:oms. i, under equilibrium conditions is equal to that 
of the reverse reaction the adsorption of hydrogen molecules from 


the gas phase with their simultaneous dissociation into atoms. i. 


The currents F and i in this case are equal to the exchange current 
with respect to hydrogen al the recombination-dissociation step. iz. 

Assuming that the rate of recombination corresponds to a bimole- 
cular reaction and the rale of the adsorption of hydrogen molecules 
(with the simultaneous dissociation and formation of adsorbed 
hydrogen atoms) is proportional to their bulk concentration Cy, 
one can write 


i = hoo (19.43) 
and 
i = kacma (19.44) 


When the reaction proceeds in the cathodic direction. the rate 
of the process expressed by the quantity i, equal, by definition. to 


i. =i-i 
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may be written in the form 

1. 117 (19.45) 
if it is assumed that the rate of the reverse reaction does not change 
since the concentralion of molecular hydrogen in the gas phase 


remains constant. As follows from Eq. (19.43) the final value of 


ie i. e., Une excess of i over jor ił, can be obtained if the surface con- 
centration of hydrogen atoms during the calliodic process is higher 
than that corresponding to equilibrium: 


chi) > CH(r) 


where cg is the surface concentration of atomic hydrogen at a cur- 
rent density i. This new value of the concentralion of adsorbed 
hydrogen atoms does not correspond to the pressure of gaseous mole- 
cular hydrogen, which remains constant. Consequently, the slow 
recombination disturbs the equilibrium between the adsorbed and 
the gaseous hydrogen. At the same time the theory of slow recom- 
binalion postulates the retainment of equilibriv:n between adsorbed 
hydrogen atoms and hydrogen ions. It is tiiercfore thought that 
Nernst's formula (19.42) for the reversible hydreven electrode is also 
applicable to the cathodic evolution of hydrogen, especially when 
the deviation from the equilibrium state is noi ioo great. Thus, the 
hydrogen electrode potential under an externa! <urrent may be writ- 
ten as 


RT 411. 
e e (19.46) 
and the hydrogen overpotential due lo tho sivow recombination can 
be described by the equation 


61 T Chea 
AP jp <= In HOS (9.47 


nei er * 
H(i) F Her) 


Equation (19.47) was derived earlier as a special case of the chemi- 
cal overpotential caused by the slow occurrence of the purely chemi- 
cal step following the discharge act (see p. 336). 

Equation (19.43) for the rate of recombination, with account taken 
of Eq. (19.44), yields the following expression for the hydrogen over- 
potential within the framework of the slow-recombination theory: 


12-4 n ($E) ln ( —+) (19.48) 


If 
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Eq. (19.48) reduces to Tafel's formula: 


n =a-+ blogt 
where 


RT T RT 
4 = 2.327 log i?, b= — 2.35 


At small deviations from the equilibrium state when i, only sligh- 
tly exceeds the exchange current i}, tho expression 


In (14-3) 


may be taken, after it is expanded into a series, as approximately 
equal to i,/i?. In this case one can write in place of Eq. (19.48): 


RT i, : 
n -E. (19.49) 


where N, is the polarizalion resistance at the recombination step. 

The theory of slow recombinalion as presented above should be 
regarded as a first approximation to reality. This approximation 
corresponds to the idealized case where the cathode surface is homo- 
geneous wiil: respect to energy and no interaction forces operate 
between adsorbed hydrogen atoms. In actual conditions of hydrogen 
evolution these assumptions may not be justified, in which case the 
relation between potential and current density must assume a diffe- 
rent form. 

The theory of slow recombination was generalized in the works 
of Horuili et al. (1936-38), Kobozev et al. (1937-46), Temkin (1941) 
and other authors. According to these authors, taking into account 
the surface inhomogeneity and the interaction forces between adsor- 
bed atoms leads to the appearance of a multiplier 1/B in the logarith- 
mic coefficient of Eq. (19.48). The factor B may be regarded as 
a quantity characterizing the adsorption of hydrogen atoms and 
reflecting the Lype of the adsorption isotherm. In the simplest case 
it corresponds to the exponent in Freundlich's adsorption equation: 


c“ = kpe? (19.50) 


where c' and c = surface and bulk concentrations of a given species 
of particles, respectively 
kp = Freundlich constant equal to the surface concen- 
tration at a bulk concentralion of c’ = 1 
B — exponent which depends on the nature of the 
metal and of adsorbed particles and lies between 
zero and unity. 
Therefore, for metals capable of perceptibly adsorbing hydrogen the 
expressions for Tafel constants within the framework of the slow- 
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recombination theory should be written as: 


RT 16 
a= 2.3565 log ir (19.51) 
RT T 
b= —2.3 DBF (1 9.52) 


In contrast to the slow-recombination theory in its original version, 
where the coefficient b at a specified temperature is a certain constant 
equal for all metals, in this case it becomes a function of the nature 
of the metal and may assume different values, depending on the 
value of B. This circumstance however does not affect the form of 
Eq. (19.49), which remains the same as in the original theory. 

According to the slow-recombination theory the overpotential 
is independent of the solution pH [see Eq. (19.48)]. though a certain, 
very slight effect of pH associated with the dipolar nature of the 
M—H bond can be detected. 


19.6. THE NATURE OF HYDROGEN OVERPOTENTIAI, 
ON DIFFERENT METALS 


Certain assumptions as to the most probable mechanism of hydro- 
gen evolution on different metals can be made on the basis of general 
conceptions of electrochemical kinetics concerning (his particular 
electrode reaction. For example, it has been assumed mat with 
increasing heat of adsorption of hydrogen atoms on the cailiode metal 
the probability of a slow discharge diminishes and that of a slow 
recombination increases. This is associated with the different effect 
of the variation of the adsorption heat of hydrogen atoms on the rale 
of discharge and of recombination. As follows from the potential 
curves (see Fig. 19.5), the activation energy of the discharge step 
diminishes with increasing adsorption heat. Conversely. the activa- 
tion energy of the recombination process increases as the bonding 
(the quantitative characteristic of which is the heat of adsorption) 
between the metal and the surface hydrogen atoms becomes stronger. 
At the same time the increase of the adsorption heat must increase 
the surface concentration of hydrogen atoms and hence the rate of 
recombination, i. e., produce the reverse effect. The superposition 
of the two opposite effects may retard or accelerate the recombination 
step with increasing adsorption heat, but the accelerating effect 
must always be weaker than in the case of the discharge step. ‘Though 
data on the heat of adsorption of hydrogen on metals are scarce and 
contradictory. il can nevertheless be asserted that the heat of adsorp- 
tion of hydrogen on mercury. zinc and cadmium is much lower than 
on metals of the platinum and iron groups. ‘Thus, the conditions on 
mercury. for example, are more favourable for a slow discharge and 
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those on nickel for a slow recombination. These considerations expres- 
sed by Antropov in 1949 led him to the conclusion that there are two 
extreme groups of metals with different hydrogen overpolential 
mechanisms. One group includes metals of the platinum and iron 
groups possessing high adsorption capacity wi th respect to hydrogen. 
The recombination step on these metals must play the decisive role 
in the kinetics of the cathodic hydrogen evolution reaction. The 
other group covers mercury, lead. cadmium and other melals which 
are almost incapable of adsorbing hydrogen. For these metals the 
rate of hydrogen evolution is controlled by the discharge step. 
Similar views were expounded later by other researchers, e.g., 
Conway and Bockris. 

Plausible assumptions can also be made as to which path predo- 
minates in the removal of adsorbed hydrogen atoms by using data 
on the coverage of the surface with adsorbed hydrogen atoms. 

The rate of discharge depends on the hydrogen-atom concentration 
to the first power, and the rate of recombination, on the concentration 
to the second power. Therefore, for metals which adsorb hydrogen 
weakly the removal of hydrogen from their surface must be predo- 
minantly accomplished by electrochemical desorplion. Conversely. 
for metals of high adsorption capacity with respect to hydrogen atoms 
the most effective way is the removal of these atoms by catalytic 
recombination (Frumkin). 

These general inferences as to the nature of overpolential on vari- 
ous metals xve confirmed by the agreement between the most impor- 
lant corollaries of the hydrogen-overpotential theory and experimen- 
tal data on ihe kinetics of hydrogen evolution. For instance, none 
of the methods has succeeded in detecting any traces of adsorbed ato- 
mic hydrogen on the mercury surface in the region of potentials for 
the cathodic evolution of Hs. Hence the removal of hydrogen is not 
rate limiting. The value of the logarithmic coefficient b for mercury 
is close 1o 0.12. Considering that the coverage of the mercury cathode 
surface wilh adsorbed atomic hydrogen is negligibly small this value 
of b cannot be obtained from the slow-recombination theory. Experi- 
mental dala on the effect of the solution composition and pH on 
overpotential in hydrogen evolution on mercury are also in good 
agreement with the assumption of a slow discharge onto free sites 
on the cathode. 

The conception of the evolution of hydrogen on mercury occurring 
by the Volmer-Heyrovsky mechanism (the slow discharge followed 
by the electrochemical desorption of hydrogen atoms) is shared at 
present by most electrochemists. It should be noted, however. that 
according Lo Kobozev, who denied the possibility of a slow discharge, 
the hydrogen overpotential on mercury is caused by an excess energy 
of free hydrogen atoms escaping from ils surface. The emission of [ree 
hydrogen atoms is, in Kobozev's opinion, the most effective mecha- 
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nism of removal of hydrogen atoms from the surface of any metal 
of low adsorption capacity with respect to hydrogen. Quantitative 
calculations carried out by Frumkin and his colleagues do not 
support Kobozev's views. Horuiti believes that the results of inve- 
stigations of the electrolytic separation of hydrogen isotopes on mer- 
cury are in best agreement with the assumption that hydrogen evolu- 
tion on mercury occurs by the electrochemical desorption mechanism 
with the slow acception of an electron by an adsorbed ion-mole- 
cule H;. 

An inference as to the nature of the cathodic hydrogen evolution 
reaction on other metals of the second electrochemical group— lead, 
zinc, cadmium and thallium—can be made with lesser certainty. 
The majority of experimental data (low surface coverage with atomic 
hydrogen, the value ef ö close to 0.12, the effect of added substances 
on the hydrogen overpotential and, finally, small exchange currents 
close in magnitude to exchange currents on mercury) point to the 
slow discharge step followed by the electrochemical desorption of 
hydrogen atoms. A marked increase in the hydrogen overpotential 
upon transition from a positively to a negatively charged surface 
is observed on lead, cadmium and thallium and is associated with 
the rearrangement of the double layer, which results in the desorption 
of anions and disappearance of their activation effect on the discharge 
of positive hydroxonium ions HO“ (see Fig. 19.1). If the rate of 
hydrogen evolution were controlled not by discharge bi: by some 
other step, e.g. recombination, the rearrangement of the double- 
layer structure would not be able to cause such a change in the hydro- 
gen overpotential. Among the metals of the first electrochemical 
group platinum has been studied most thoroughly. though, because 
its hydrogen overpotential is highly sensitive to impurities, the 
reproducibility of the data obtained is not high. Undoubtedly. in the 
region of positive potentials (not very far from the reversible hydro- 
gen electrode potential) the platinum surface always contains adsorbed 
hydrogen; this has been established by capacity measurements and 
by other methods. For example, the amount of adsorbed hydrogen 
can be found for each potential value with the aid of charging curves, 
i.e., curves showing the variation of the electrode potential either 
with the quantity of eleciricity passed or (at a constant current) 
with time. In such coulometric determination of the amount of hydro- 
gen (or any other electrochemically active substance) it is necessary 
that ils evolution (or dissolution) proceed with a current efficiency 
of 100 per cent. All possible secondary reactions—electroreduction 
or evolution of oxygen, cathodic reduction or anodic oxidation of 
organic substances and other impurities— must be completely exclud- 
ed. This can be achieved by two methods. In one of them, the current 
applied to the cell is so high that it considerably exceeds the limiting 
currents of reduction and oxidation of impurities; their harmful 
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effect therefore does not reveal itself. The electrode 1s charged at 
a high rate and the charging curve is registered automalically. usu- 
ally with the aid of an oscillograph. In the other method the dele- 
terious effect of impurities is eliminated either by using an electrode 
of large surface area (Shlygin), e.g. platinized platinum, or by con- 
ducting experiments with a very small volume of the solution (Ersh- 
ler). 

The charging curve for platinum in an acid solution is presented 
in Fig. 19.7. It consists of sections 7, 2. and 3 with different slopes. 
Section 7, which originates at the reversible potential of the hydrogen 


rE 


g(t) 


Fig. 19.7. Charging curve for a platinum electrode in an acid solution 


electrode and lies in the region of most negative potentials, corre- 
sponds to the gradual removal of the hydrogen adsorbed by the elec- 
trode surface. [ere the current supplied lo the electrode is expended 
on charging the double layer and on ionizing adsorbed hydrogen 
atoms. The electrical capacity measured by the reciprocal of the 
slope of the & vs. q curve 
1 
~~ Ae/Aq 


is therefore high. Section Z is called the region of the hydrogen sheet. 
By the moment section 2 is reached the adsorbed hydrogen is comple- 
(ely removed from the electrode surface and the current is now spent 
exclusively on charging the double layer. Owing to this the capacity 
falls and section 2—the region of the ionic double layer—has a steeper 
slope. At the point where section 3 originates the potential attains 
a value at which the formation of oxygen becomes possible. This 
section represents the region of tho oxygen sheel and here the current 
is again consumed to charge the double laver and to effect the electro- 
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chemical reaction, which increases the capacity (the slope becomes 
less steep). In this particular case the electrochemical reaction is the 
anodic formation of oxygen. The amount of adsorbed hydrogen 
(or oxygen) at each given value of polential can be calculated with 
the aid of charging curves from the quantily of electricity required 
for the potential to be shifted from the transition point between 
sections 2 and 7 (or 2 and 3, respectively) to the value chosen. 

In the region of potentials lying on section 7 near section 2. when 
a cathodic current pulse is imposed the hydrogen ions may be dischar- 
ged Lo form adsorbed hydrogen atoms. The formation of molecular 
hydrogen and its evolution as a gas is excluded since the potentials 
here are more positive than the equilibrium potential of the hydrogen 
electrode in a given solution. 

When experiments are conducted in the atmosphere of an inort 
gas, then on application of an anodic current pulse the only anodic 
process will be the ionization of adsorbed hydrogen. which goes 
into solution. Thus, this region of potentials corresponds only to the 
discharge (in the case of a cathodic pulse) or ionization slep (on appli- 
cation of an anodic pulse), which permits investigating the kinetics 
of just one step without the complicating effects associated with 
the recombination or dissociation of hydrogen molecules. Dy studying 
the dependence of the double-layer capacily and the ohmi” resistance 
(equivalent to the retardation of the discharge slep) on the frequency 
of the applied current in this region of potentials, Doli». Ershler, 
and Frumkin succeeded in measuring the rale of the discharge step 
directly for the first time. Parallel polarization measurements at 
small deviations from the equilibrium polential when the overpoten- 
tial is still linearly dependent on the current density have made it 
possible to determine the rate of the overall process and lo compare 
it with the rale of the discharge step. It has been established thal 
the discharge step proceeds al à finite rate. which. varies with the 
solution composilion simultaneously with the varialion of ud erall 
rale of the hydrogen evolution reaction. e samo lime ! i 105 
of discharge is always higher than the overa d Tate 1515 E di ixi 
in solutions of hydrochloric acid and 11 times 1 so pte ier eun 
hydroxide). Though the discharge slep proceeds 55 F i 

y ies 1 overall rate of hydrogen evolution on asmooth 
does not determine the ove not here the limiting or slow step (rds). 
platinum electrode ane ccurale measurement, the value of b for 
According to the most aC about 0.03, which also testifies 


is 
voluti alinum 1 : : 
Eden E: ene of a purely electrochemical step since the 
ainst the slow oc 
Ei en 


9 , ffici t cannot exceed unity. On evolution 
e of the transfer coe the stoichiometric number v is equal to 
of hydrogen on platinum rd with the theory of slow recombination. 
unity. This value is in acco tial on platinum is independent of pH 
That the hydrogen overpole ability of the slow recombination. 


also points to the greater ! 
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Finally, for platinum a limiting current of nondiffusional origin 
is observed, which is possible only when the recombination slep 
is slow. 

This conclusion seems to be in contradiction with the shape of 
a polarization curve oblained for hydrogen evolution from acid 
solutions. As seen from Fig. 19.1, the e vs. log i curve for platinum 
consists of Lwo portions with different values of the constants a and b. 
In the lower portion the coefficient b is equal Lo 0.03, and in the upper 
one il is about 0.12. But, in contrast Lo the similar curve for lead. 
the sharp change of the overpotential cannot be ascribed here to the 
recharging of the surface since the null point of platinum (mex = 
= 0.2 V) is more positive than the equilibrium potential of the hydro- 
gen electrode. It is supposed thal. in the region of the lower branch 
of the polarization curve the source of hydrogen is hydroxonium 
ions. the discharge of which occurs more readily than the recombi- 
nalion of hydrogen atoms. In the region of the upper branch it is 
water molecules that are discharged, which requires a larger amount 
of aclivalion energy. and in this case the discharge step runs slow. 
Transition {rom the lower to the upper branch is observed when the 
limiling current for hydroxonium ions is reached. 

Thus. most of the experimental data on the cathodic evolution 
of hydrogen cn platinum indicale that the most probable cause 
for the appearance of an overpolenlial is the slow recombinalion 
step. At the same lime there are grounds for stating that when pla- 
tinum is poisoned (or when its potential deviates considerably from 
the equilibrium value), the mechanism of electrolytic hydrogen 
evolution may change and the discharge or electrochemical desorp- 
tion may become the slow step. Considering that the surface of a 
smooth plaiinum electrode is inhomogeneous it is not improbable 
that the hydrogen evolution reaction proceeds differently on ils 
different areas. On spongy or plalinized platinum, because of ils 
high catalytic activity the devialion of the potential observed when 
the current is switched on is probably caused by the slow removal 
of molecular hydrogen from the solution adjacent to the electrode. 

Palladium resembles platinum in many respects in its behaviour 
during the electrochemical evolution of hydrogen. Experimental data 
on exchange currents and on the slope of Tafel lines point to the 
slow recombination step as a probable cause for the appearance of 
the hydrogen overpotential. That the slow recombination step 
on palladium electrodes is possible was proved by Kobozev and 
Monblanova (1935). They used a thin palladium membrane one 
side of which, the polarization side, was always in contact with the 
solution and could be polarized by an external current. and the other. 
the diffusion side. was in contact with the gas phase or solution 
(Fig. 19.8). When a cathodic current is applied to the polarization 
side of the membrane and the potential is displaced in the negative 
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direction, hydrogen evolves first only on the polarization side and 
then on the diffusion side as well. Simultaneously tho potential 
of the diffusion side also becomes more negative. Such a transfer 
of hydrogen and of the overpotential from the polarization to the 
diffusion side is possible only in those cases where the atomic 
hydrogen formed during discharge has no time lo leave the electrode 
surface. Its concentration increases as compared with the equili- 
brium value and it begins to permeate into the palladium electrode, 
reaching the diffusion side 
of the membrane. The appea- 
rance of excess hydrogen on 
the diffusion side shifts its 
potential in the negative dirc- 
ction, which also testifies to 
the slow recombinalion. Accor- 
ding to Frumkin. however, 
the hydrogen overpotential on 
palladium cannot be altribu— 
ted to tbe slow recombination 
alone. If the membrane is 
polarized to a constant pole- 
ntial by a small current and 
the current is then switched 
off, different potential-decay 
curves will be obtained for 
side the two sides of the membra- 
ne. On the polarization side, 
immediately after the current 
Fig. 19.8. Transfer of hydrogen from js switched off the overpoten- 
the polarization to tho diffusion side of tial first falls abruptly and 
a mombrane 
then decreases much slower. 
On the diffusion side, only 
the second section appears, i.e., after the current is switched off 
the potential is gradually displaced to its equilibrium value in 
a given solution. The rapid fall of the overpotential is ascribed to 
the slow discharge. and the gradual fall to the removal of excess 
hydrogen. 

Still more obscure is the mechanism of hydrogen evolution on 
metals of the iron group. It has been found thal under the conditions 
of cathodic polarization an excess amount of adsorbed hydrogen 
accumulates on the surface of these metals. This follows, for example, 
from experiments on clectrodiffusion of hydrogen through iron, which 
have yielded almost the same results as those obtained for palladium. 
The slope of Tafel constant b for metals of the iron group is close to 0.12, 
which is indicative of the slow discharge step. The same value howe- 
ver can also be obtained from the theory of slow recombination at the 


Polarization 
side 
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coverage of the surface with adsorbed hydrogen atoms observed on 
metals of the iron group. For hydrogen evolution on nickel it has been 
found that the overpotential depends on the pH value. All attempts 
to explain the character of this dependence by the slow occurrence 
of the discharge or the recombination step have failed. The higher 
probability of the recombination step running slow is borne out by 
dala on the hydrogen isotopic separation factor and also by the ten- 
dency toward the appearance of a nondiffusional limiting current 
in nickel electrodes. For metalsof this group the most likely assump- 
lion is that several steps— discharge. recombination and. perhaps, 
electrochemical desorption— proceed at almost the same rate. Depend- 
ing on the conditions any one of these steps can be rate determining, 
and thus the hydrogen evolution reaction will be forced to proceed 
by one of the mechanisms considered above. Here, as with metals 
of the platinum group, the nature of the hydrogen overpotential 
may be different on different sites of the cathode. 


CHAPTER 20 


The Kinetics of the Oxygen 
Evolution Reaction 


20.1. GENERAL DESCRIPTION OF THE PROCESS 


The oxygen evolution reaction may proceed by diferent paths 
depending on the composition of the solution subjected to electrolysis. 
In the electrolysis of alkaline solutions the most probable source 
of anodic oxygen is hydroxyl ions. The overall reaction in the anodic 
evolution of oxygen in alkaline solutions is the discharge of hydroxyl 
ions according to 


40H- = O; ＋ 2H;0 = 4e (20.1) 


In acid solutions, in which the concentration of OLH- ions is loo 
low for the anodic evolution of oxygen lo proceed at the required 
rate, water molecules are discharged 

211,0 = Os -- AH* + 4e (20.2) 

In neutral salt solutions oxygen can be produced by the discharge 
of either hydroxyl ions or water molecules. Of these two reactions 
the one that consumes less energy under given conditions will predo- 
minale. In concentrated solutions of oxygen-containinz acids the 
oxygen evolution reaction may involve anions of an acid. at least at 
high current densities. The existence of this mechanisin was proved 
by Gerovich and coworkers (1957) in experiments on the electrolysis 
of concentrated solutions of perchloric and sulphuric acids tagged 
with the heavy oxygen isotope !5O. At high current densities the 
oxygen evolved on platinum contains this isotope. Since the isotopic 
exchange of oxygen between acid anions and water molecules in solu- 
tion is practically impossible, the appearance of the heavy oxygen 
isotope in the evolving gas should wholly be ascribed to the partici- 
pation of anions in the anodic formation of oxygen. In the case of 
sulphuric acid, oxygen evolution may lake place by the direct parti- 
cipation of anions. Oxygen evolves here as a result of the discharge 
of sulphate ions. e.g.. according to the reaction 


280. = 2S0, + O; + 4e (20.3) 
followed by the recovery of SO?- ions 
280, + 2110 = 2801- 4- AH* (20.4) 


Ch. 20. The Ozygen Evolution Reaction 443 


In the case of perchloric acid. considering that perchlorate ions are 
incapable of discharging. other factors are responsible for (he appea- 
rance of the isotope 180 in the gas phase. It is possible that here iso- 
topic exchange lakes place between the oxygen-tagged adsorbed 
anions and the surface oxides of platinum, these oxides decom posing 
lo evolve oxygen containing the heavy isotope. This mechanism is 
also possible in the electrolysis of sulphuric acid solutions. In either 
case, however, the overall anodic oxygen evolution reaction proceeds 
according to scheme (20.2). 

Oxygen is always evolved a! potentials more positive than the 
potential of the reversible oxygen electrode under given conditions. 
Here the difference between the electrode potential under an external 
current and the equilibrium potential of an oxygen electrode is iden- 
lified with activation polarization and is called the oxygen overpolen- 
lial; 

Nox = £j — e, (20.5) 


Further in the text the oxygen overpotential will be denoted by m, 
the subscript being omitted. 


20.2. EXPERIMENTAL DATA ON OXYGEN 
OVERPOTENTIAL 


Theoretically and practically, the anodic evolution of oxygen 
is nearly as impertant as the cathodic hydrogen-evolulion reaction. 
The two reactions constilute the process of electrolytic decomposition 
of waler: 


21120 = 2H, + Os (20.6) 


The oxygen overpotential represents a considerable fraction of the 
total overpolential in a cell for electrolysis of water and affects the 
consumption of electric power in the industrial electrolytic produc- 
tion of hydrogen and oxygen. The oxygen evolution reaction plays 
an important role in practically all anodic processes in the electrolysis 
of aqueous solutions and, primarily. in electrolylic reactions of 
oxidation of inorganic and organic substances. The mechanism of the 
oxygen evolution reaction however has nol yet been fully clarified. 

The lack of reliable data on oxygen overpotential is due to the 
complexity of the process of anodic oxygen evolution and by the 
inevilable occurrence of side and secondary reactions. [t should 
first be recalled that it is extremely difficult to set up a reversible 
oxygen electrode under experimental conditions and hence the quan- 
lily £e, occurring in Eq. (20.5) is not determined by experiment. 
It is usually calculated theoretically. For gaseous oxygen to be evol- 
ved from acidic solutions it is necessary that the anode potential 
be more positive than the equilibrium potential of the oxygen elec- 
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trode (+-1.23 V al an+ = 1 and 25°C) by the value of oxygon over- 
potential corresponding to a given current density. But even before 
this potential is reached most metals become thermodynamically 
unstable and, instead of the oxygen evolution reaction, there occurs 
the process of their anodic dissolution or oxidation. The kinetics of 
oxygen evolution from acid mediums can therefore be studied only 
by using melals of the platinum group and gold (the standard poten- 
tials of which are more positive than the potential of an oxygen 
electrode) and also some other metals protected against dissolution 
in acid solutions by stable surface oxides. In alkaline solutions, in 
which the equilibrium oxygen potential is less positive (at aon- = 1 
and 25°C it is about + 0.41 V), metals of the iron group, cadmium 
and some other metals are also used as the anode. It has been found 
that under the condilions of oxygen evolution the surface of all 
metals, including platinum and gold. is oxidized lo a greater or les- 
ser degree and therefore oxygen usually evolves not on the metal 
ilself but on its oxides. 

The oxygen overpotential has been found to vary with lime at 
a given current densily. As a rule, it increases with time. gradually 
for some metals (iron, platinum) and jumpwise for others (lead. 
copper). The overpotential is commonly taken lo mean its sleady- 
stale value. It evidently corresponds to the evolution of oxygen at the 
surface of an oxide stable in a given range of potentials. Curves 
of e vs. log i or n vs. log i obtained for oxygen evolution often show 
one or more inflections indicating abrupt changes in the kinelics 
of the process. Examples of such curves pertaining Lo oxygen evolu- 
tion on lead and nickel anodes are shown in Fig. 20.1. On these curves. 
just as in the case of curves obtained for other electrodes. one or more 
sections can still be picked out where the overpotential is linearly 
dependent on the logarithm of the current density and obeys Tafel's 
equation: 

n =a + blogi 


The constants a and b depend on the electrode material, Lem pera- 
ture, the solution composition and current density. This complicates 
the comparison of metals by their oxygen overpotential. The bulk 
of experimental data indicates that in the region of mean current 
densities (of the order of 107? A/cm?) the overpotential associated 
with the evolution of oxygen from alkaline solutions increases in 
approximalely the following sequence: 


Co, Fe, Ni, Cd, Pb, Pd, Au, Pt 


The dependence of the overpotential on the electrode material is seen 
here quite distinctly. For example. at one and the same current 
density equal to 1 mA/cm? the oxygen overpolenlial increases by 
more than 0.7 V with a change from cobalt anodes to platinum ones. 
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Some data illustrating the dependence of the oxygen overpolential 
on the Lype of the metal are presented in Table 20.1. 


-5 -4 -3 a leg 7 


Fig. 20.1. Polarization curves for oxygon evolution on nickel (/) and lead (2) 


The relation between the oxygen overpotential and the solution 
composition and temperature has been systematically studied but 
TABLE 20.1 


The Effect of Electrode Material and Solution Composition 
on Oxygen Overpotential 


Metal Solution t, *C Current density: > 407 | 

Pt 0.005-0.05N 1280. 25 1077-1071 3/2RT;F | 0.95 
Pt 0.1N H;SO, 35 10-77-1072 2RT/F | 1.08 
Pt 0.1N NaOH 25 — RTIF — 

Au 0.1-1.0N H.SO, 25 3x 1075-1072 3/ART!F | 0.99 
Au 0.1N NaOH 3 — NT. V — 

Pb 3. 8 H 280. 30 = 2RT!F | 1.10 
Pt, PbO, (c)] 4.4N H,SO, 31.8 1071-2 x 10-3 BART. F | 0,72 
Pt, PbO, (B) | 4.4N TISO; 31.8 | 7x 10-5-2 x 10-3 | 2RT/F | 1.47 
Ni 7.5N KOH 25 5 x 1079-1073 L2RT/F | 0.35 
Ni 7.5N KOH 25 1073-5 x 10-2 3ART'F | 1.30 
Ni 7.5N KOH 25 5 x 1072-3 x 1071 RT'F 11.08 


L2RT.F | 0.66 


| | 


Fe pH 2 — 5 3x 10-76-10-14 
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for a limited number of metals. According to the data obtained by 
lzgaryshev and coworkers (1953) the increase of the concentration 
of sulphuric acid from 36 to 1759 g litre considerably increases the 
oxygen overpotential on platinum. For instance. at 20°C and a cur- 
rent density of 1 x 10 A/cm? the overpotential increases by more 
than 1V. A rise in temperature lowers the overpotential over the 
entire concentration range indicated. Here not only the constant a 
decreases but also the slope ò of the Tafel line. According to the 
measurements carried out by Bowden (1930). who used dilute solu- 
tions of sulphuric acid. the rise of temperature lowers the oxygen 
overpotential on platinum owing to the decrease of a; conversely, 
the slope of semilogarithmic straight lines increases. At a specified 
temperature the slope is a function of the acid concentration, increas- 
ing parallel with it. In concentrated solutions of sulphuric acid the 
slope reaches 0.36. The oxygen overpolential is also affected by the 
presence in solution of foreign cations and fluorides. the addition 
of which increases the oxygen overpotential. Conversely. the over- 
potential at a gold electrode depends neither on the solution pH 
nor on the addition of extraneous salts. 

At potentials close to the zero-charge potential of oxidized lead 
the oxygen overpolential remains almost constant with varying 
sulphuric acid concentration. At small positive ch:rges on the surface 
of a lead anode the overpotential is found to fal! slightly with increas- 
ing acid concentration; when the positive charge increases. the oppo- 
site effect is observed. 

The behaviour of nickel electrodes during oxygen evolution from 
alkaline solutions largely depends on the degrec of their oxidation. 
The oxygen overpolential measured on oxidized nickel electrodes 
is given hy the equation 


q = a — b, log i — b: log [OH ~] (20.7) 


where b; and be may assume values of 0.027-0.088 and 0.046-0.086, 
respectively. depending on the degree of oxidation. 


20.3. THE POSSIBLE MECHANISM 
OF THE ANODIC OXYGEN EVOLUTION REACTION 


Elucidation of the kinetic mechanism of the oxygen evolution 
reaction at an anode is a formidable task. associated not only with 
considerable experimental difficulties but also with the great number 
of theoretically possible reaction paths. The electrolytic oxygen evolu- 
lion reaction involves not two. as in hydrogen evolution. but four 
electrons. no matter whether it takes place in acidic. neutral or alka- 
line solutions. This leads to the appearance of several electrochemical 
steps, each of which can determine the rate of the overall anodic 
process. Besides. in oxygen evolution one has to reckon with the 
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possibility of the recombination and electrocheinical-dosorption 
stops proceeding at a slow rate. Finally, since the evolution of oxygen 
usually occurs on the surface of a metal the degree of oxidation of 
which depends on tho potential and electrolysis time. the formation 
and decomposition of oxides may also affect the kinetics of this 
process. There exists an opinion first expressed by Foerster (1909). 
according to which the anodic evolution of oxygen in all cases pro- 
ceeds only via the formation of intermediate unstable oxides. The 
transformation of these into stable oxides (or to the state of the 
initial metal with the simultaneous loss of oxygen evolved as a gas) 
controls the kinetics of the overall electrode reaction. Thus, the 
appearance of an oxygen overpotentials is due to a number of factors 
and may be associated with the slow rate of one of the following steps: 
discharge of hydroxyl ions or water molecules; recombination 
of oxygen atoms; electrochemical desorption of hydroxyl radicals 
OH: formation and decomposition of unstable intermediate oxides 
of the electrode metal. 
Various kinetic mechanisms of the oxygen evolulion reaction have 
been propesed. based on different assumptions as to the probable 


nature of the slowest step in the overall process. Some of these reac- 
tion mechanisms are given in Table 20.2. They all refer to the case 


of oxygen cvolution from alkaline solutions and therefore the first 
step in each mechanism is the discharge of hydroxyl ions. These 
ions are discharged to vield hydroxyl radicals (mechanisms I, II and 
IV) or a surface “hy drated oxide of the anode metal (mechanism II). 
Table 20.2 does not cover all the possible paths of the oxygen evolu- 


TABLE 20.2 


Some Possible Mechanisms of Oxygen Evolution from 
Alkaline Solutions 


1 | T 


1. 20H- — 20H ＋ 2e 


1. 20H- — 20H + 2e 
2. 20H4-20H-—20-4-2H,0  |2. 20H--20H- = 20- 4- 2H,0 
3. 20-—20 ＋ 2e 3. 20--:2M0, = 2MO se +2e 
4. 20=0, 4. 2MOx4;=2M0x 

IH | IV 


1. 40H~--M=4MOH 4 4e 1. 20H~ 20H 2e 

2. 4MOH —2MO--2M--2H,0 2. 20H +20H- = 2H.03 

3. 2MO=2M-+0, 3. 2H,0; = 03-+ 2H,0 
4. OP —0, 2 
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Lion reaction. For instance the first step of the process may be visua- 
lized in a different way from that given in the table. It may be assu- 
med, for example, that hydroxyl ions are discharged to yield nol 
hydroxyl radicals or hydrated oxides but atomic oxygen or an unstab- 
le surface oxide according to the equations 


20H- = O + H;0 + 2e (20.8) 
and 
20H- + MO, = MO: + H20 + 2e (20.9) 


respeclively. 

In spite of its incompleteness, Table 20.2 correctly reflects the 
basic conceptions of possible steps involved in the electrolytic oxygen 
evolution reaction. According to mechanism I molecular oxygen 
results from the recombination of its oxygen atoms formed in the 
discharge of univalent oxygen ions O-, and according to mechanism 
II, from the decomposition of a higher unstable oxide MO formed 
from a lower stable oxide MO, after the ions O- are discharged on it. 
Mechanism III excludes the participation of any charged particles, 
except hydroxyl ions, in the electrode reaction. Hoere the oxygen 
evolution reaction involves intermediate steps--the formation and 
decomposition of oxide hydrates and metal oxides. 1n mechanism IV 
the direct source of oxygen is its ion-molecules Oi formed from 
hydrated ions O}--2H.O after the water molecules are lost. These 
hydrated oxygen ions may be regarded as negativeiy charged molecu- 
les of hydrogen peroxide HzO: which serve as an intermediate link 
in the anodic oxygen evolution process. 

Any step in each of these mechanisms may run slow and determine 
the rate of the overall reaction. To make a choice from these theore- 
tically possible cases and to find out the actual cause of the oxygen 
overpolential one should resort to criteria following from the general 
theory of electrode kinetics. One such criterion may be the slope 
of semilogarithmic straight lines. As follows from Table 20.1. the 
slope b in oxygen evolution varies within wide limits. assuming the 
following values depending on the anode material and solution com- 
position: 


1/2», 3/460 bo. 3/260, 2b0 and 35 (bo = 2.30347) 
If. by analogy with hydrogen evolulion, one assumes that the trans- 
fer coefficient q is close to 0.5, then the slow discharge of hydroxy 
ions (steps I-41, II-, ITI-1, and IV-1) must give a slope equal to 
2b°. The slow occurrence of any other step will result in a smaller 
slope. For instance, if the rate of the overall process is limited by 
step IV-2, the slope must then be equal to b°, and if steps 1112 
and III-3 are rate determining, we have ½ b° and !/, 50, respectively. 
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The values of b (see Table 20.1 and Fig. 20.1) found in experimental 
sludies of oxygen evolution from acid solutions on lead anodes and 
from alkaline solutions on nickel coincide with the value b == 26° 
(0.12 at room temperature). It may therefore be supposed that the 
kinetics of the overall process is determined by the rate of purely 
electrochemical steps: the discharge of water molecules in acid solu- 
lions and of hydroxy! ions in alkaline solutions. The nature of the 
effect. of the solution composition on oxygen overpolential in the 
Lwo cases considered is also in accord with Frumkin's theory of slow 
discharge. 

AL small current densities the evolution of oxygen on nickel (see 
Fig. 20.1, curve J. lower section) is characterized by a slope corre- 
sponding to b = bo, which is hardly in accord with the assumption 
of the slow discharge of hydroxy] ions. On this section of the polari- 
zation curve the kinetics of the process is determined by steps I-3. 
1I-3. or by the interaction of atomic oxygen, formed according to 
reaclion (20.8), with a nickel oxide: 


O + Ni,O; = Ni;0,; = 2NiO; (20.10) 


In the case of oxygen evolution from an alkaline solution on plati- 
num or gold the most probable rale-determining step must be step 
IV-2. 

It should however be borne in mind that all these inferences are 
but assumptions. The slope b cannot be taken as a sufficient criterion 
to decide in favour of one or the other mechanism. Moreover, in such 
a complex process as the electrochemical evolution of oxygen there 
is always a possibility of the parallel occurrence of several steps 
with similar rate constants. For instance, experimental data on oxy- 
gen evolution al lead agree best with the slow-discharge theory, but 
the possibility of slow recombination of oxygen atoms is not excluded. 
This is evidenced by the current-density variation of the concentra- 
tion of alomic oxygen on the surface of the lead elecrode and also 
by the cliange of the rate of diffusion of oxygen atoms through lead 
dioxide. Another step, which runs concomitantly with the discharge 
of hydroxyl ions and oxygen evolution, is the formation of oxides. 
whose composilion depends on the current densily and electrode 
potential. Thus, a theory of oxygen overpotential cannot be worked 
out without taking into account the oxidation of the anode surface. 
The formation of oxides on the anode sharply changes the kinetics 
of oxygen evolution and the oxygen overpotential. The latter not 
only varies widely in going from a pure melal surface to an oxidized 
one but is also determined by the nature of the oxides themselves. 
Thus, from the data of Table 20.1 it follows that when one changes 
from the B- to the a-modification of lead dioxide the Tafel constant 
a falls by more than 0.4V and the slope b decreases from 2b° to / be; 
this points to a change in the kinetics of the reaction mechanism. 


29—0303 
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Similar results have been obtained in studies of oxygen evolulion 
at nickel; it was found that the overpotential sharply rises when 
NiO, is converted to Ni;O,. The transition from the lower portion 
of curve J in Fig. 20.1 to the upper one should be altributed to the 
increase of the content of the higher nickel oxide in the surface layer. 
Thus, the overpotential of oxygen and the kinetics of its evolution 
may vary depending on the chemical composition of the surface 
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Fig. 20.2. Probable distribution of the potential drop in the electric double 
layer at the oxidized metal-solution interface: 


gu-. = potential drop in the metal-oxlde layer; gy—gj, = potential drop between the oxide 

surface and the bulk of the solution: gy—g = total potential drop of the metat-solution 

potential; ly and ig are the thicknesses of the Helmholtz and ditftuse parts of the double 
layer, respectively 


oxide; if the composition is constant throughout !he process. they 
may vary according lo the ratio of different crystallochemical modi- 
fications in the oxide. This also affects polarization curves. 

The appearance of an oxide on the metal surface alters the double- 
layer structure. In this case the double layer can no longer be repre- 
sented by the simple Stern model, which was used in developing 
the theory of hydrogen overpotential. According to Góhr and Lange 
(1958), the electric double layer in the oxygen evolution reaction 
should be pictured as shown in Fig. 20.2. To the potential drop in 
the Helmholtz and diffuse parts of the double layer. included in the 
Stern model, is added the potential drop in the oxide layer. The 
latter term is often disregarded since the surface metal oxides. on 
which oxygen evolution is studied, possess high electronic conduc- 
tance. What is more important is that the Helmholtz region of the 
double layer begins in this case not from the bare surface of the metal 
but from the surface of its oxide, whose properties are different from 
those of the metal. In particular, the oxidation of the metal shifts 
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harge-free potential of the electrode surface to the positive 
5 the null point of pure lead is —0.7V and that 
of lead covered with its dioxide is about + 1.8 V. The appearance 
of a horizontal section on curve 2 (Fig. 20.1) is probably due preci- 
sely to the transition through the null point of Pb, PbO, and to the 
corresponding change in the rate of discharge of water molecules. 
The formalion of platinum oxides and the related change of its null 
point and hence of the charge on the surface may he regarded as one 
of the causes for the appearance of inflections on polarization curves 
corresponding to oxygen evolution on platinum. The possibility 
of the anode surface being recharged during the formation of oxides 
(or during the change of their composition) should be taken into 
account when examining im the effect of the solution pH ang 
also of extraneous eee attivo Substances on the kinetics 
of oxygen evolution; it should also be reckoned with in studying 
the anodic oxidation of inorganic and organi 


c substances, ] 
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CHAPTER 21 


The Kinetics of Electrochemical Reduction 
and Oxidation 


21.1. GENERAL DESCRIPTION OF REDOX REACTIONS 


Electrochemical reduction and oxidation reactions cover a wide 
range of processes, from the simplest ion-recharge reaction to com- 
plex transformations forming the basis of organic clectrosynthesis. 
Electrochemical reduction and oxidation reactions are used in indu- 
strial production of hydrogen peroxide, manganese dioxide, potas- 
sium permanganate, sodium hydrosulphite. p-aminophenol, adipo- 
nitrile, salicylaldehyde and a number of other compounds. These 
processes lie at the basis of the operation of most chemical sources 
of current. 

Polarization in redox reactions may be defined as the difference 
between the electrode potential in the presence of an external current 
and ils equilibrium value: 


nn = Rei — ner (24.1) 
When determining the redox polarization from Eq. (21.1) the fol- 
lowing points must be taken into account. 

In reduction-oxidation processes the diffusion overpotential is 
usually high and often constitutes a considerable. and sometimes 
even the major. part of the total deviation of the electrode potential. 
As the role of concentration overpolential in redox processes has 
already been discussed, we will be concerned hereonly with the chemi- 
cal and electrochemical overpotentials. It is assumed that the diffu 
sion overpolential is either taken into account or eliminated. 

For most reduction-oxidation reactions (parlicularly those with 
the participation of complex organic substances) the equilibrium 
potential is not directly measurable. Unlike the oxygen electrode 
potential. it does not always lend itself to calculation either. There- 
fore. to characterize the kinetics of redox reaclions the value of 
electrode potential set up by an external current is often used instead 
of the polarization. 

Any electrochemical reduction (or oxidation) process taking place 
in aqueous solution is accompanied by a secondary hydrogen (or 
oxygen) evolution reaction. The distribution of current between 
these two competing reactions depends on the corresponding poten- 
tial at a given current density. Therefore. apart from the magnitude 
0f polarization, one also makes use of the so-called depolarization 
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Aer to describe a redox reaction. This quantity is defined as the 
difference between the potential of the corresponding redox process 
and the potential of hydrogen (oxygen) evolution under comparable 
conditions and at the same current densily: 

Anen = n£i — He: (21.2) 
or 
Acen = REI — ofi (21.3) 
The concept of depolarization was first introduced in connection 
with the fact that electroreduction was thought to be unfeasible in the 
absence of active hydrogen just as electrolytic oxidation was consi- 
dered impossible without active oxygen. The binding of these active 
forms of hydrogen and oxygen with the aid of a suitable substance 
would inevitably decrease, the absolute value of potential under 
such conditions. i. e., cause depolarization. Substances capable of 
binding hydrogen (or oxygen) were termed depolarizers. This concept 
of the nature of redox reactions is now obsolete and has already been 
abandoned by most scientists, and the term “depolarization” les lost 
its original meaning. Reduction and oxidalion reaclions are known 
at present. which proceed at potentials higher than the potentials of 
hydrogen or oxygen evolution, i.e.. the “depolarization” may be not 
only positive but negative. The following reaction may serve as an 
example: 

2RCOO- = R — R + 2CO; + 2e 

Here the anodic oxidation of anions of carbonic acids yields dimeri- 
zation productis. These reactions were discovered in ihe middle of 
the nineteenth century and form the basis of Kolbe synthesis. They 
enable complex organic molecules of desired structure to be produced 
by electrolysis of solutions containing salts of corresponding carbonic 
acids. In most cases the Kolbe synthesis proceeds at potentials more 
positive than the oxygen-evolution potential at a given electrode. 
Thus. in this case the change from the oxygen-evolution reaction 
to the electrooxidation of an organic substance is accompanied no! 
by a fall but an increase in the clectrode potential, and no depolari- 
zation effect is observed. Nonetheless comparison of the potentials 
ney and ye; or ge; and ge; as well as determination of the depolari- 
zation Aeg is useful in redox-reaction studies. 

Apart from the steps taking place at the electrode-electrolyle 
interface. purely electrochemical transformations occurring in the 
electrolyte may also be important in an electrolytic reduction or 
oxidation reaction. Consequently, the volume of the electrolyte 
VVV 
is also used to characterize the conditi T ner Mich i 7 
s al: : onditions under which redox reac- 
tions occur; the space current density is the current referred to a unit 
volume (usually one litre) of the solution. 
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21.2. EXPERIMENTAL DATA ON THE KINETICS 
OF ELECTROCHEMICAL REDUCTION 
AND OXIDATION REACTIONS 


A great number of inorganic and organic substances have been 
studied to determine the redox polarization under different electro- 
lysis conditions. Experiments have been carried out to study the 
polarization on recharging of ions of iron, manganese, thallium, 
cerium, vanadium, tin, gold, platinum, titanium, tungsten. and 
molybdenum, and complex ions of iron Fe(CN)r, Fe(CN)?-, 
manganese Mn( CN), Mn(CN);" and MnO?-, MnO; and of some 
other metals. Polarization has also been investigated for the oxida- 
tion and reduction of quinones and hydroquinones, nitro compounds, 
ketones and aldehydes, organic unsaturated compounds, etc. 


21.2.1. POLARIZATION AND THE PROPERTIES 
OF REACTING SUBSTANCES 


Electrode polarization in reduction-oxidation reactions is the stron- 
ger, the greater are the changes in the structure and composition 
of particles occurring during a reduction or oxidation reaction. For 
example, in the following ion-recharge processes: 

Fet + e = Fet 
Fe(CN)2- + e = Fe(C N): 
MnO; + e = MnOQ{- 
where the changes reduce to the gain or loss of one electron, the 
activalion polarization is negligibly small. Its value under compa- 


rable conditions will be higher if two electrons instead of one parti- 
cipate in the reaction, e.g., 


TH+ + 2e = Tit 
Sn** -- 2e = Sn?“ 


If the composition of the reacting particles, as well as the number 
of charges, changes in the course of a rodox reaclion, the activation 
polarization continues to increase. Examples are the reactions of 
recharge of cerium and vanadium ions: 


CeO?* .- 2II* -+ e = Cet + H.0 
VO; ＋ AH* -H e = VO?* + 2150 
and the olectroroduction of nitrobenzene 
ColI,NO, -}- GH* T Be = CH NH, + 2H 20 
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and of acetone 


CH,COCH, + 2H* + 2e = CH,CHOHCH, 


How readily the active group of an organic compound (e.g., the 
carbonyl or nitro group) will reduce depends on the nature of the 
substituents introduced into the initial molecule. Reduction proceeds 
with less polarization if electronegative substituents of the hydroxyl! 
or chlorine type are added. Conversely, the reaction occurs with dif- 
ficulty if electropositive groups, e.g., the methyl group, are inlro- 
duced (the rule of electronegativity formulated by Shikata and 
Tachi, 1932). 

The course of the reduction is affected not only by the type of the 
substituent but also by its position in the molecule to be reduced. 
For instance, the reduction potential of nitro compounds has been 
found to shift most strongly to the positive side on addilion of the 
same substituents at the ortho-position. All these data on the effect of 
the structure on the reduction process refer to mercury electrodes and 
have been obtained by polarographic methods. When a mercury drop- 
ping electrode is used, the eleciroreduction of organic substances 
proceeds with more ease with increasing dipole moments of these 
substances. 


21.2.2. THE EFFECT OF THE ELECTRODE MATERIAL 
AND THE ELECTRODE POTENTIAL 


‘The nature of an electrode and ils surface area play an important 
role in the kinetics of electrochemical reduclion and oxidation reac- 
tions; their effect is manifested especially distinctly in complex 
redox reactions. It has been found, for example, that the reduction 
of nitric acid on spongy copper yields practically only ammonia 
and when amalgamated lead is used as the electrode hydroxylamine 
is predominantly formed. At a current density of 0.24 A/cm? on a cop- 
per cathode 98.5 per cent of current is used for the formation of ammo- 
nia and only 1.5 per cent is spent on producing hydroxylamine. Con- 
versely, when amalgamated lead is used, the current yield of ammonia 
is only 30 per cent and that of hydroxylamine amounts lo 70 per cent. 

Another example illustrating the effect of the electrode material 
on eleciroreduction is the reduction of acelone. This reaction produ- 
ces two principal end producis—isopropyl alcohol CH,CHOHCH; 
and pinacol 


OH 
| 
CH,—C—CH, 


CH;—C— CH; 
l 
OH 
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When a solution of acetone in sulphuric acid is subjected to electro- 
lysis, the reduction process occurs al a potential of about —0.8 V 
on the hydrogen scale; the highest current yield of pinacol is obtained 
on lead and zinc, while on copper, nickel and silver the current is 
almost completely expended on producing isopropyl alcohol. 

The effect of the electrode material is sometimes ascribed only 
to the hydrogen overpotential arising al il. Indeed, metals of high 
hydrogen overpotential often promote reduction. Besides. on such 
electrodes the potentials at which difficullly reducible substances 
can be reduced are attained more easily. In a general case, however, 
no direct connection exists between the hydrogen overpotential 
on the electrode material (or the cathode potential) and its reducing 
action. Moreover. some substances have been found to reduce more 
readily on cathodes of low overpotential than on those of high over- 
potential, where they are altogether unreducible sometimes. Such 
selective electroreduction is widespread among organic substances 
(Antropov, 1951). Examples of selective reduction are given in 
Table 21.1. Isolated unsaturated bonds in organic compounds of the 
aliphatic series and double bonds in the benzene ring are predomi- 
nantly reduced on cathodes of low overpotential— platinum and 
nickel (particularly in the form of black and sponge). At the same 
lime these bonds are practically never hydrogenated ou cathodes having 
a high hydrogen overpotential such as mercury or lead. Conversely, 
polar groups—the carbonyl and carboxyl groups- are reducible al 
cathodes of high hydrogen overpolential and remain intact on those 
having a low overpotential. Exceptions are nitro and nitroso groups 
and also conjugate double and triple bonds; they can be reduced 
practically on any cathode. 

The change of the electrode potential during electrolysis affects 
electroreduction. While being shifted to the negative side. the cathode 
potential attains such a value al which reduction becomes possible”. 
With increasing negative value of the potential the rate of reduction 
increases until it reaches a certain limiting value. At sufficiently 
negalive potentials the reduction rate diminishes and the correspond- 
ing current density falls. This is most distinctly manifested in the 
reduction of anions, in particular, in the reduction of persulphate 
ions (Fig. 21.1). 

The decrease of the reduction rate is the more pronounced, the lower 
the concentration of extraneous ions; the current begins to fall near 
the null point of mereury. When electrodes other than mercury are 
used (plalinum. copper. lead or cadmium). the i vs. e curves are 
of the same shape, the fall in the current being usually observed 


D The reduction of a number of substances containing, for example. a nitro 
group, begins even at a potential which practically does not differ from the 
steady-state value, which is set up in the presence of such a substance without 
application of an external current. 


TABLE 21.1 
Selective Reduction of Organic Compounds on Different Cathodes 


Reducible Reducing action 


>; 
Compound | pies p rincinnl reduction 


Pt, NI | Hg. Pb products 
H 
| 
Acetaldehyde —6C:50 — -+ Ethyl alcohol 
Acetylene | [I[—-C-C—H | +b | — | Ethylene, ethane 
Acelone —C— — cT Isopropyl alcohol, 
Bi pinacol 
0 
Benzaldehyd ge 1 alcohol 
enzaldehyde —C — + Benzyl alcoho 
^o 
OH 
, : / Benzaldehyde. 
Benzoic acid | 0 | — | + benzyl alcohol 
H, O, 
Benzoic acid | | 1 — Cyclohexane carboxyl- 
x p ic acid 
Vinylacetylene | H—Cac— | + | — | Divinyl 
Oleic acid | —C=C— | T | — | Stearic acid 
: JOH 
Salicylaldehyde SES — + Salicyl alcohol 
you 
Phenylacetic acid =C — + Phenylacetaldehyde 
O 
4N/ 
Phenylacetic acid | | -+ — Cyclohexanol acetate 
BA 
E 
Phenol l ] a — Cyc lohexanol 
N 
Oxalic acid en Glyoxyl d, gl 
xalic aci — + slyoxylic acid, gly- 
No colic acid 
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at a potential close to the null point of the corresponding metal. 
The existence of such effects has also been proved for the clectroreduc- 
tion of molecular substances and large cations. 


10° A-crrt 
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Fig. 21.1. Curve of electrochemical reduction of persulphate ion on a rotating 
amalgamated electrode: 


IKS, O, I = 10 g-eq/litre; the speed of rotation of the electrode is 3.5 revolutions per second 


21.2.3. THE EFFECT OF THE SOLUTION 
COMPOSITION 


At a given electrode potential the rate of electrolytic reduction 
or oxidalion usually increases with increasing concentration of 
discharging particles. This can be seen, for example, from Fig. 21.2, 
which presents data on the electroreduction of trivalent manganese 
ions to bivalent ions. However such a simple relation is not always 
observed. Kinetic equations describing electrolytic reduction and 
oxidation reactions may contain concentrations of initial substances 
with exponents larger than unity, equal to zero or to a fraction. 
One such example was given on page 384, where the reduction of 
dissolved iodine to iodide was considered. In equations describing 
the kinetics of electroreduction of organic substances the volume 
concentrations of these substances are usually raised to a fractional 
power. 

The dependence of the rate of electrochemical redox reactions on 
the solution pH is influenced by the nature of the reacting substances 
involved and also by the electrode material. At a constant potential 
the rate of oxygen reduction does not depend on the pH if mercury, 
silver or gold electrodes are used. The rate of the same reaction pro- 


4 
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ceeding at Pt or Pd electrodes increases with decreasing pH of the 
solution. In the electroreduction of organic substances the pH of the 
solution may in cerlain cases affect not only the reaction rate but 
even the nature of the end products. The kinetics of redox reactions 
are also influenced by the presence of foreign substances of the ionic 
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Fig. 21.2. l'otentlal vs. current density curves for the electroreduction of Mn** 
ions on a platinum electrode: 
1—0.001 moleslitre Mn?*; 2—0.01 mole/litre Mn*+: O—0.001 mole/litre Mn'*; $— 0.01 mole/ 
litre Mnt+ 


or molecular type in the solution. It has been found that the reduction 
of anions proceeds at a faster rate in the presence of polyvalent 
cations. Though the dependence of the rate of redox reactions on the 
nature of the solvent has been studied insufficiently, the availahle 
data testify lo ils existence. 


21.3 THE THEORY OF ELECTROCHEMICAL REDUCTION 
AND OXIDATION REACTIONS 


In a general case the electrochemical reduction or oxidation reac- 
lion consists of the following steps: 
(1) the transport of reacting particles to the electrode-electrolyte 


interface; 
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(2) the adsorption of the particles on the electrode surface (or 
their contact with the electrode surface) with their simullaneous or 
preliminary conversion to an active state; 

(3) the reduction or oxidation act; 

(4) the desorption of the resulting particles from the electrode 
surface with their simultaneous (or subsequent) transformation into 
the final reaction products; 

(5) the removal of the reaction products from the electrode-electro- 
lyte interface. 

The most important step is the reduction or oxidation act, which 
delermines the specificity of redox reactions. 


21.3.1. POSSIBLE PATHS FOR THE 
ELECTROREDUCTION REACTION 


The occurrence of electroreduction reactions is associated. in our 
opinion, with the mechanism of hydrogen evolution on a given elec- 
trode. Depending on the type of the electrode metal and the nature 
of the particles to be reduced the reaction rate is controlled by one 
of the following steps: 

(1) the addition of electrons; 

(2) the addition of adsorbed hydrogen atoms; 

(3) the addition of hydrogen ions activated in tho discharge step. 

Accordingly, one may speak of three different reducing agents: 
electrons, hydrogen atoms and hydrogen ions. 

The Rate-Determining Electron Addition Step. llis step corre- 
sponds to the slow-discharge concept and is probably realizable 
on any electrode. The discharge act involving the addition of one 
or two electrons often represents the overall electrochemical reaction. 
Examples are the following ion-recharge processes: 


Mn?* + e Mn?“ 
Fet + e= Fes! 
TP+ + 2e = TI* 
MnOj -+ e = MnOj- 
The discharge step may also be rate determining in more complex 
electroreduction processes. For example, some authors believe that 
the reduction of quinone to hydroquinone proceeds stepwise: 
Coll. Oz + e ColI O2 
C4H,07 + H* = C,H,O;IT 
C,H,O.H + e = CgH,O21I- 
C4,O;H- + H+ = CH, (OH) 
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with tlie addition of one electron at the first and third stages and the 
intermedinle formalion of semiquinones. According to other concep- 
lions, this process occurs as follows 


Cel 1,02 zz 2e = Cst Oz 
Cell. O: 211. Cell (OI) 


involving the simultaneous addition of two electrons. In either 
case, however, the addition of one or two electrons is assumed lo be 
the rate-determining step (rds) on the basis of kinetic relationships. 
If the rate of electrolytic reduction (or oxidation) is determined 
by the electron acception (or donation) step, ils kinetics can be 
described by Eqs. (16.67) and (16.68): 


> 


> — 
i=i— yes 2 Feta: - ẽ x (kcoxe- “FERT = kepel 1 40 He R) 


i = i — i = itel% ~ 21) FURT (gazFn/RT — -A 

or. al a sufficient deviation from equilibrium, by Eqs. (16.65) and 
{16.66): 

ig = I = zFkcose(2:2- ne- azFn/RT 

ia = 1 = 2F hegel -f e- F /r 
To elucidate the nature of particles Ox directly subjected to reduc- 
tion or particles R taking part in the oxidalion act, the concentra- 
lions of which are included in kinetic equations, one usually utilizes 
dala on the order of electrochemical reactions determined by Eq. 
(16.110): 


(5) zy 
óc; c, T. P.e J 
or by the equation 


(Gs) c“, T. P, e 


= V; (21.4) 
An interesting example of the use of these equations to identify 


the mechanism of redox reactions is provided by the cathodic reduc- 
lions of trivalent and tetravalent manganese ions: 


Mans“ -L e = Mn?“ (21.5) 
and 
Mn -+ e = Mn?+ (21.6) 


Some data pertaining lo the first of these reactions are presented 
in Fig. 21.2. Curves J and 2 in Fig. 21.2 contain Tafel lines, for which 
Eq. (16.65) is valid: 


i = 2F keoge (e220 FURTQ -a:Fe/RT (21.7) 
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Al 65 = 0 this equation may be written in the form!) 


i = zFkcose- e:Fe/RT (21.8) 


or, after taking logarithms and solving for e, 
e = blog zFk + b log cox — b log i (21.9) 


If the values of log i corresponding to two concentrations of Mn?* 
ions, which differ by a factor of 10, are determined in the Tafel 
region al e = const, as shown in Fig. 21.2, then one has 


Alogi ) ( Alogi 
v = | = x | ——— — 
e e une T. P. e rre NR E 1 (21.10) 
i.e., the cathodic electrochemical order of reaction (21.5) with 
respect lo Mn?* ions is equal to unity. Al the same time the change 
of the concentration of Mn?“ ions at a constant concentration of 
Mn?* does not affect the reaction rate al a given potential. i. e., 


vMnz- (e) 0 (21.11) 


Similar calculations based on data of polarization measurements 
for reaction (21.6) 
Mn!* + e Mn“! 
have shown that 
ð log i ) 
9 log cns / eins: T, Poe 


Vant+(e) = ( =0 (21.12) 


Al the same lime the rate of reaction (21.6) increases with increasing 
concentration of Mn?* ions. Such a result, though parodoxical 
al first sight, can be explained by assuming that reaction (21.6) 
actually consists of two steps: 


Mi?* + e = Mn?“ 
Mus“ + Mntt = Mn°+ 


The reduciblo particles here are the Mn?* ions and the acception 
of an electron by these ions determines the kinctics of the overall 
process; the subsequent disproportionation proceeds at a faster 
rate than the discharge of manganese ions. 

The Rate-Determining Addition of Hydrogen Atoms. According 
to another mechanism of clectroreduction its rate is controlled 
by the addition of hydrogen atoms to the particles to be reduced. 


D From Eqs. (21.8) and (21.9) it follows that when reduction occurs by the 
electronic mechanism the rate of the cathodic reaction and the electrode poten- 
tial are independent of the solution pH. 
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The first step in this case is the discharge of hydrogen ions with 
the formation of adsorbed hydrogen atoms 


'H0* + e = Hays + H;O (24.12) 


and the second step is the interaction of these atoms with the reducible 


substance: 
Haas r Ox = OxH (21.14) 


The last step determines the rate of the overall process. For this 
step to occur it is necessary, first, that the discharge of hydrogen 
ions proceed unhindered (or with more ease than the discharge 
of the parlicles to be reduced) and, second, that the addition of 
a hydrogen atom to a particle Ox occur more readily than the recom- 
bination of two hydrogen atoms. These conditions are best fulfilled 
on metals of the platinum and iron groups and also on other metals, 
on which the recombination of hydrogen atoms either is the slow 
step or proceeds at a slow rate. The accumulation of hydrogen atoms 
on the surface of these metals during cathodic polarization promotes 
the hydration reaction. Electrochemical reduction proceeding by 
this mechanism is similar to the process of catalytic hydration. 
the only difference being thal in the first case hydrogen atoms are 
supplied by the current and in the second by dissociation of mole- 
cular hydrogen on the catalyst surface. In accordance with the 
reaction equalion (21.14), one can write the following expression 
for the reduction current density: 


i = kjcoscu (21.15) 


Al a considerable coverage of the electrode surface with adsorbed 
hydrogen it is necessary to take into account the difference between 
its surface and bulk concentrations. Assuming that Freundlich's 
adsorption equation 


ch = kreh 
where 0 < f) < 1. applies here, one can write in place of Eq. (21.15): 
i = kycoxch (21.16) 


Substituting the concentration of hydrogen atoms from the last 
equation into Nernst’s formula for the hydrogen electrode gives 


T 
e= const EA In en- -F In coxa Ini (21.17) 
The application of the thermodynamic equation of the electrode 
potential, which is commonly used to describe the equilibrium 
State, is justified here since it has been assumed that the discharge 
step proceeds unhindered, which is equivalent to the assumption that 
hydrogen ions are still in equilibrium with hydrogen atoms when 
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the cathodic current is flowing. From Ed. (21.17) it follows 
that when hydrogen atoms serve as a hydrating agent. 
the dependence of both the irreversible electrode potential and 
the potential of the reversible hydrogen electrode on the concentra- 
tion of hydrogen ions obeys the same law. Metals on which electro- 
reduction can be effected with the aid of adsorbed hydrogen atoms 
belong to the first electrochemical group. 

The Rate-Determining Addition of Activated Hydrogen Atoms. 
The third possible path of electroreduction is observed when the 
rate of the overall process is governed by the interaction between 
the hydrogen ions in the double layer and the particles lo be reduced: 


H40* + Ox = OxH* + H-O (21.18) 
and when the electron addition 
OxH* + e = OxH (21.19) 


following this interaction proceeds unhindered. The mechanism 
of electroreduclion in which the rate of the process is determined 
by the preliminary surface protonation of the reducible substance 
is most probable on mercury, lead, zinc and olher metals with 
a high overpotential caused by the slow discharge of hydrogen 
ions (these metals belong to the second group). When hydrogen 
ions lose, during discharge. some of the water molecules forming 
their hydration sheath, they become more active. From the poten- 
tial eurves corresponding to the discharge act it lollows that the 
higher the overpotential on a given metal the more active the hydro- 
gen ions become before they are discharged since the deviation 
of the potential by the value y is equivalent lo the decrease of the 
bond energy between the hydrogen ion and the water molecules 
by the product F. For metals of the first group this mechanism 
is hardly probable because hydrated ions are practically completely 
discharged on them owing to the considerable heal of adsorption 
of hydrogen and to the low activation energy of discharge. The 
concentration of hydrogen ions in the immediale vicinity of the 
electrode surface may considerably exceed their concentration in the 
bulk of the solution. 

The discharge of hydrogen ions with the formation of adsorbed 
hydrogen atoms 


H,0* + M +e — M—H + H-0 (21.20) 


in the presence of reducible particles may also follow a two-step 

path and involve the formation of end products through addition 
of hydrogen to these particles. This electroreduction process will 
prevail if it is kinetically more advantageous, for example, if the 
energy level of the system OxH is lower than that of the system 
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MH (Fig. 21.3). The reducible particle will here play the role of 
a "bridge" facilitating the transfer of an electron from the electrode 
to the hydrogen ion. If step (21.18) is rate limiting. then, using 


T H30-H* 


Fig. 21.3. Discharge of hydrogen ions in the presence of a reducible organic 
substance 


the slow-discharge theory, one can write the following expression 
for the raie of surface protonation: 


i = kicbꝛacht ef (24.21) 


Assuming ihe surface concentration of hydrogen ions to be pro- 
portional to their bulk concentration. one gels 


g- const + Hr 
4 


Inem T Ag In eb: — Af In i, (21.22 
In this case the electrode potential must vary with the hydrogen- 
ion conceniralion according lo a law different from the one which 
was valid for the equilibrium hydrogen electrode. 

The concept of surface protonalion as a step delermining. under 
certain conditions, the rate of electroreduction, the probability 
of the occurrence of this step for different cathodes and also general 
equations describing ils rate were discussed earlier (Antropov. 
1950-54). Later these conceptions were substantially developed by 
other researchers, parlicularly by Mairanovsky. who considered 
a probable protonation mechanism for the special case of mercury 
cathodes. He made a distinction between surface and bulk prolo- 
nalion, took into account the possibility of the change of the proto- 
nation rate due lo the difference between the hydrogen-ion concentra- 
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lions in the bulk of the solution and at the electrode surface and 
also derived some additional kinetic equations. 

The conception of the possibility of electroreduction proceeding 
by different paths with the rds involving different reducing agents 
(the choice of which is dictated by the nature of the slow slep of 
hydrogen evolution on a given melal) permits interpretation of a large 
number of experimental data. In particular, this concept enables 
one to account for the existence of selective reduction (see Table 21.1). 
The reduction of organic substances at platinum and nickel cathodes 
is evidenlly accomplished at the expense of adsorbed hydrogen 
atoms which add on to nonpolar bonds (of the double or triple type) 
between carbon atoms. Reduction al mercury and lead cathodes 
proceeds at the expense of hydrogen ions which add on more readily 
lo negalive polar groups (e.g., carbonyl or carboxyl groups). 

The different occurrence of electroreduclion on platinum and 
mercury has been confirmed by a comparison of experimental 
results with the theoretical equations (21.9). (21.17) and (21.22). 
For example, the electroreduction of nitrobenzene and acetone 
on mercury proceeds through a surface protonation step. On platinum, 
nitrobenzene is reduced in the presence of adsorbed hydrogen atoms, 
while acetone is not reduced at all. 

Analogous results have been obtained in studies of the electro- 
reduction of oxygen. ‘This reaction plays the crucial role in processes 
of metal corrosion and in the operation of cells with air depolari- 
zation. It has received much attention in receni vears in connec- 
tion with the problem of direct conversion of chemical energy inlo 
electrical power by means of fuel cells. The basic kinetic regularities 
of oxygen reduction in acidic and alkaline medisins have already 
been established (Tomashov, Krasilshchikov, Icía. Bagotsky. and 
others). For example. it has been found that the clectroreduction 


of oxygen on mercury, silver, and gold can be described by the follow- 
ing equations 


e = const + blog co, — blog i (21.23) 


for acidic solutions and 
e = const + b log co, — b log com- — b log i (21.24) 


for alkaline solutions. Equation (21.23) coincides with Eq. (21.9) 
derived for the slow addition of one electron to a reacting particle— 
in this particular case, to an oxygen molecule 


O2 +e = 0O} 


Equation (21.24) also corresponds to the slow addition of an electron, 
this time nol lo an oxygen molecule but to the radical HO, formed 
in the reduction reaction. The end product of the reaction is hydrogen 


peroxide: 
HO; T e= HO; 


HO; + Ht == H20: 


When platinum or palladium electrodes are used, the kinetics 
of electroreduction is essentially different. Here, experimental data 
agree with the equation 


e = const + b? log cys + b° log co, — be logi (21.25) 


which at B — 1 coincides with Eq. (21.17) derived under tho 
assumption that the interaction of adsorbed hydrogen atoms wilh 
reducible particles proceeds at a slow rate. In the case of Pt or 
Pd electrodes adsorbed hydrogen atoms interact with oxygen mole- 
cules: 
HjO* +e= Haas + H0O 
Haas + O2 = HO; 


Then the radical HO, undergoes transformations leading to the 
formation of hydrogen peroxide. To bring Eq. (21.17) into agreement 
with the experimentally found relation (21.25) one must assume 
that B = f. This assumption may be regarded as physically quite 
justifiable. The equality B. = 1 corresponds to the direct proportiona- 
lity between the bulk and surface hydrogen concentrations, which 
is realizable =! a low coverage of the electrode surface with adsorbed 
particles. Tke cathodic reduction of oxygen corresponds to this 
condition because the electrode potential here is shifted to the 
positive side ?rom the potential of the reversible hydrogen electrode 
to such an extent that the surface concentration of hydrogen atoms 
must be very lew. 

The electroreduction of oxygen proceeds without rupture of the 
bonds in the initial molecule and involves the formation of hydrogen 
peroxide as an intermediate. Conditions can be realized, however, 
under which the electrochemical reduction of oxygen will follow 
a different path—via the decomposition of its molecule into atoms 
without formation of hydrogen peroxide: 


O2 = 200⁰⁸ 
204% + 4H* + 4e = 2H,0 


The electrolytic oxidation of organic substances has been studied 
to a considerably lesser degree than the reactions of cathodic reduc- 
lion. It was not until recently that this field of electrochemical 
kinetics had come into focus in connection with the utilization 
of organic substances in fuel cells. The data available al present 
indicate that, as in electroreduction, the electrode material plays 
an important role in this case, too. For example, the electrolytic 

30* 


468 Part Siz. The Kinetics of Some Electrode Processes 


oxidation of a number of organic substances, in particular lower 
alcohols, on metals of the first electrochemical group (platinum, 
nickel) proceeds by the dissociative mechanism with the splitting-off 
of hydrogen (dehydrogenation) and radical formation: 


RH, = Run -mads E kV, 


Both the radical and the adsorbed hydrogen can be subjected to 
further transformations. Conversely, on metals of the second group 
the oxidation of the same substances does not proceed through 
the preliminary dehydrogenation step. 

Other Paths for Electrolytic Reduction and Oxidation. The three 
versions discussed above do not cover all possible paths for redox 
reactions. The role of reducing and oxidizing agents can also be 
played by metallic ions present in solution. In this case the electrode 
process reduces to the oxidation (or reduction) of metallic ions 
variable valency, which then reduce (or oxidize) the organic sub- 
stance. The electrolytic oxidation of an anthracene suspension may 
be quoted as an example. When this suspension is subjected to 
electrolysis, the anodic current is almost completely consumed 
for oxygen evolution. If, however, a small amount of a cerium, 
chromium or manganese salt is added to the suspension, then, 
apart from oxygen, anthraquinone is also formed on the anode. 
The reaction evidently proceeds as follows: the ions of a metal, 
Say, cerium, are oxidized at the anode: 


Ce* = Ceit +e 


and then react with anthracene, which is thus converted into anthra- 
quinone: 


6Ce** + Cs Hio + 2H.0 = 6Ce3* + CHi: = 6H* 


The cerous ions formed are again oxidized to ceric ions according 
to the first equation. Thus, here only the intermediate reaction— 
the recovery of telravalent ceric ions—occurs as au electrochemical 
process on the electrode surface. while the oxidation of anthracene 
takes place in the bulk of the solution and is a purely chemical 
reaction independent of the electrode potential. The transfer of the 
reaction from the electrode surface into the bulk of the solution 
can be effected not only by introducing special substances but 
by the reactants themselves free radicals, and other active particles 
capable of initiating a chain reaction. The oxidation reaction may 
involve the formation of intermediates, which serve as an auloca- 
talyst (Khomutov). 

The concept of the electrochemical reduction and oxidation 
reactions will be substantially changed if one assumes the partici- 
pation of solvated electrons e, in these reaclions. In this case the 
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primary act of reduction is the formation of solvated electrons 
near the cathode K 
emj + L = e. 


and the primary act of oxidation, the splitting-off of an electron 
from the oxidized particle and its solvation: 


R+t+L=Rt*+e 


The secondary reduction act is the addition of the solvated electrons 
to the particles to be reduced: 

Ox re = OX +L 
and the secondary oxidation act is the transfer of the solvated elec- 
trons to the anode: 


es = em) 


Further transformation of particles R* and Ox- depends on their 
nature and on the conditions of the corresponding reactions. 

When solvated electrons aro involved, redox reactions are no 
longer purely heterogeneous processes taking place at the electrode- 
electrolyte interface; they now occur at a cerlain distance from 
it, in the bulk of the solution. 

The probability of such reactions taking place in the solution 
and the distance from the electrode surface must be the greatest 
in solvents. in which the lifetime of solvated electrons is maximal. 
Such process-- are of great interest to theoretical electrochemistry. 


5.2. THE ROLE OF ADSORPTION PHENOMENA 
iN ELECTROCHEMICAL REDOX REACTIONS 


The adsors:ion of reacting particles on the electrode surface 
is nol a noce--2cy precondition for electrochemical redox reactions. 
However, it xually plays an important role, and neglect of this 
phenomenon leaves a gap in the theory of redox reactions. 

It is thought that even in the case of simple redox reactions (ion 
recharge), adsorption phenomena influence the kinetics of electrode 
processes. Indeed. during electroreduction ions of higher valency 
M* (we will call them primary ions) are converted into ions of lower 
valency M” (secondary ions) which are not subjected to further 
reduction under the electrolysis conditions chosen. lons M" are 
formed at the same site where ions M^ resided previously. If the 
removal of the M” ions from the electrode surface is hampered. the 
reduction will be slowed down since the approach of reducible 
particles to the surface is made difficult and their concentration 
on the electrode surface decreases. In order to quit the electrode 
surface secondary ions have to overcome a certain barrior associated 
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with the difference in their energy levels in the bulk of the solu- 
tion and at the interface. But since primary ions can occupy their 
site, the actual energy barrier will depend on the probability of an 
energy exchange and gain during adsorption of primary ions, i. e., 
in the long run on the potential and charge of the electrode and 
also on the concentration and nature of the ions. If the positive 
charge of primary (reducible) ions is higher than that of secondary 
ions, the shift of the potential to the negative side must be more 
favourable for adsorption of primary ions, which facilitates the 
removal of the reaction products. These conditions are realizable, 
for example, when iron ions Fe?* and Fer“ and thallium ions TI?*, 
TI“ are recharged, because the difficulties associated with the desorp- 
tion of Fe** or TI“ ions are not great in electroreduction. Conversely, 
if in electroreduction the positive charge of primary ions is lower 
than that of secondary ions, then the difficulties due to the neces- 
sity of desorption of the latter must be considerable. This is observed, 
for example, in the reduction of CeO** ions to Ce?*. The greatest 
hindrances should be expected in those cases where primary ions 
are charged negatively and secondary ions positively (the reduction 
of a metavanadate ion VO; to a vanadyl ion VO?**). These assump- 
tions are in agreement with the experimental data obtained in the 
recharge of iron, cerium, thallium, vanadium and molybdenum 
ions. 

Adsorption phenomena assume still greater importance in the 
case of electrolytic reduction and oxidation of organic substances. 
Neglect of adsorption would make it impossible to account for 
the frequently observed seemingly fractional order of the electro- 
reduction reaction. It is known that the fractions order is characte- 
ristic of heterogeneous catalytic processes involving adsorbed partic- 
les. The fractional reaction order reflects the dihference between 
the bulk and surface concentrations of these particles. [t is interesting 
to note in this connection that the exponent of the bulk concentra- 
tion of acetone is found to be the same both in the kinetic equation 
describing the process of its clectroreduction on a mercury cathode 
and in Freundlich’s equation describing the adsorplion of acetone 
on mercury. This result, coupled with the dala oblained in studies 
of the effect of pH on the kinetics of the process, has led to the 
conclusion that the electroreduction of acetone on mercury in acidic 
solutions is a first-order reaction with respect to both acetone and 
hydrogen ions. 

The occurrence of an electroreduction reaction via the adsorption 
step is more probable and energetically more advantageous even 
in those cases when the surface coverage with depolarizer particles 
is very low. 

The degree of adsorption on the surface of an electrode depends 
on its potential or, more exactly, on its charge, a circumstance 
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e ns DAE on the kineties of electroreduction 
BT a Sure 7 i Particles. To find out tho role 
ol a E in etectroreduction it should be recalled how the 
shape of electrocapillary Curves is affected by surface-active sub- 
stances, The highest adsorbability of organic molecular substances 
is observed near the null point of mercury (see Fig. 10.2, page 250). 
When the deviation from tbis point is considerable, organic suhstan- 
ces are displaced from the melal surface and cease lo affect the 
shape of the electrocapillary curve. Suppose that the potential 
at which a given substance is capable of undergoing reduction 
corresponds lo a certain value eg marked by a vertical line in 
Fig. 10.2c. At this potential value the surface concentration of the 
organic subslance is sufficiently high, which is evidenced by the 
value of the surface-tension decrement Ao. An increase in the catho- 
dic potential, i.e., a rise in the overpotential, reduces Ao due to 
the drop in the surface concentration of the organic substance which 
creates it. This will accordingly decrease the rate of electroreduction. 
At still higher negative values of the potential, when the surface- 
tension decrement Ag is equal to zero, ihe surface concentration 
of the organic substance becomes so small that no depolarizer mole- 
cules are found on the electrode surface, and in their absence electro- 
reduction is nalurally impossible. Thus, not only the values of the 
cathodic potential and the hydrogen overpotential (the deviation 
of the potential from the equilibrium value) are important for 
the process cf clectroreduction but also the potential on the cor- 
relative scale. which characterizes the magnitude and sign of the 
charge on the metal surface. 

Suppose that the electroreduction of a substance on different 
metals is carried out at one and the same value of the cathodic poten- 
tial, say, al -0.8V on the hydrogen scale. Mercury. lead, zinc and 
silver are used as the cathode. All these metals belong to the first elec- 
trochemical group and hence do not differ in the nature of the reducing 
agent. But even in this case the reaction conditions on these metals 
will be different at the same cathodic potential. This is attributed 
to the difference in their charges and in the degree of adsorption of 
the reducible substance. The null points (see Table 10.5, page 278) 
of these metals are as follows: —0.2V for mercury. —0.7V for lead. 
—0.5V for zinc. and —0.4V for silver. At the same cathodic poten- 
tial (—0.8V) the potentials of these electrodes on the correlative 
(reduced) scale will therefore be different. They will be equal to 
—0.8— (—0.2) — —0.6V for mercury. —0.8— (—0.7) — —0.1V for 
lead. —0.8 — (—0.5) = —0.3V for zinc, and —0.8 — (—0.4) = 
= —0.4V for silver. As follows from Fig. 21.4. at these values of 
the q potential the most favourable conditions for electroreduction 
are atlained when zinc and, especially lead cathodes are used; these 
conditions are much less favourable on mercury. The magnitude 
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The free radicals formed can be either reduced to yield isopropyl 
alcohol: 
OH Oll 


CH; — CH CH, + H = CIT; — é — CH; 
| I 
or recombined to produce pinacol: 
CH; CH, CH; CH; 


| | j d 
HO—C— + —C—OH =HO—C—C—OH 


| | Ir Ul 
CH; CH; CH; CH; 


Since the rate of the formation of isopropyl alcohol depends on the 
surface concentration of radicals to the first power and that of pina- 
col. to the second, a measurable yield of pinacol can be obtained 
only when the surface concentration of free radicals is sufficiently 
high under viven electroreduclion conditions. This requirement 
must be bes: fulfilled for lead cathodes, on which the current yield 
of pinacol ix ihe highest in fact. 

On the baste of the foregoing one can draw the following conclu- 
sions. 

1. The course of electrochemical redox reactions depends not 
only on the cathodic potential (the overpotential) but also on the 
charge of th:: metal surface, which is determined, to a first approxi- 
mation. by ibe value of the @ potential (the deviation of the 
electrode potential under given conditions from the null point of the 
electrode mc!ai). Here the overpotential serves as a measure of the 
reducing or oxidizing action of the electrode under given conditions, 
and the ꝙ potential determines the surface concentration of depola- 
rizer. 

2. The equality of the potentials of different electrodes does not 
vet provide identical conditions for a redox reaction since the null 
points of metals are different. Depending on the null point of the 
electrode metal used, the same value of the potential may corre- 
spond to different surface charges and hence to different conditions 
of depolarizer adsorption. 

3. The values of the e and ꝙ potentials combined determine not only 
the effectiveness but also the direction of the electrochemical redox 
reaction and also the most probable nature of its end products. The 
closeness of the reduction (or oxidation) potential to the null point 
of the electrode usually promotes the formation of bimolecular reac- 
lion products. 
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4. An increase in the cathodic potential changes the surface 
charge and hence the conditions of adsoplion on the cathode. Depend- 
ing on the nature of the depolarizer chosen, this either accelerates 
or retards the electrochemical redox reaction. Al considerable devia- 
tions from the null point (which implies a high value of the @ poten- 
tial) the surface concentration of the depolarizer becomes negligibly 
small and the eleciroreduction may stop. Therefore, apart from 
the diffusion limiting current density, there must also exist an 
adsorption limiting current density. 

These considerations expressed by Antropov in 1954 are associated 
neither with the assumption as to nature of the slow step nor with 
any special assumption concerning the nature of the forces respon- 
sible for the change of the depolarizer adsorbability with potential. 
They are based only on the results of purely experimental studies 
of electrocapillary phenomena and also on the concept of the cor- 
relative potential scale. 

The effect of the charge of the electrode on adsorption and hence 
on the kinetics of electroreduction can also be expressed quantita- 
lively, using the concept of the correlative scale and introducing 
the g-potential function into the kinetic equation 


i = kycope~22Fe/RT e (21.26) 


The form of the function f (p) is governed by the law of variation 
of the surface concentration of reducible particles with deviation 
of the potential from the null point. For organic molecular sub- 
stances, the approximate expressions of this la are Frumkin's 
and Butler's equations [Eqs. (10.39) and (10.40). respectively]. 
It is these equations that were used by Antropes in 1945-50 in 
writing Eq. (21.26) in expanded form. Equation (2i.26) is of con- 
siderable interest since it is the first kinetic formula which, apart 
from the electrode polential on the conventional hydrogen scale 
contains also the electrode potential on the correlative seale, which 
is a function of the null point of a metal. Later Kheifets (1949) 
and Bockris and Potter (1952) proposed independently somewhat 
different formulas reflecting the role of the null point in the kinetics 
of electrode processes. Recently this problem TAR gain attracted 
the attention of electrochemists (Mairanovsky Teod 130 0 a 
Delahay. and others) and was elaborated freee’ aed 
The effect of the charge on adsor Mion ; ] 
when organic molecular sabstanees parlie 1 1 m oni 
reactions. The desorption of anions occurs i : dm e ectroct mes 
to the negative side from the null point of Still smaller deviations 
tion of unionized particles (see Fig. à metal than the desorp- 
that when anions are discharged. the decre es 250). This suggests 
reduction must be more pronounced and ¢ ase in the rale of electro- 
than in the electroreduction of organic san be effected more easily 
nolecules. 
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This decay of the current was detected by Kryukova (1949) in the 
electroreduction of persulphate ions. Kryukova ascribed this effect 
lo the change of the surface concentration of persulphate ions under 
the influence of the electric field in the double layer. This current 
decay may be regarded as the first experimental proof of theoretical 
predictions made by Antropov on the basis of electrocapillory 
measurements. It should be stressed al the same lime that the 
phenomenon observed by Kryukova and known as the Kryukova 
effect is not restricted to the current fall. After the current drops 
to a cerlain minimum value, it mounts up again (see Fig. 21.1), 
i. e., the process of cleclroreduction is resumed. The latter point 
does not follow directly from electrocapillary data. 

The Kryukova effect theory suggested by Frumkin is based on 
the assumption that the rate of the electroreduction of an anion 
is determined by the discharge step. If the reverse reaction is ignored. 
one can wrile the following equation for the discharge current 
densily: " 

i = kicox exp {28 3" | (21.27) 
where cox is the surface concentration of anions and (e — €) is the 
potential drop in the Helmholtz region of the double layer. Using 
the Stern equation to relate the bulk (cox) and surface (cox) con- 
centrations of anions and substituting the value of the latter into 
Eq. (21.27), one obtains 


i= kycox exp (£25 N (24.28) 


where z is ‘re valency of the anion. Equation (21.28) contains two 
potential-variant factors. One of them, exp ( —aFe/RT), increases 
continuously as the value of e is shifted to the negative side and 
the other, exp ((«-4-z)FE RT), falls with decreasing degree of 
diffusion in the double layer. The greatest change of the S potential 
is observed near the null point and therefore its effect is found to he 
predominant here, which results in a current fall. With further in- 
crease of the cathodic polarization the & potential changes more 
gradually and the second factor becomes decisive, which results in 
a current rise. Frumkin's theory thus accounts for the current 
fall and rise on the polarization curve. This theory is also in accord 
wilh experimental findings concerning the effect of extraneous 
(indifferent) ions on the electroreduction of anions. Frumkin's 
theory however fails to explain the changes in the shape of reduc- 
lion polarizalion curves observed when going from one type of 
reducible anions to another, 

We have so far considered the role of adsorption only in the electro- 
lytic reduction (or oxidation) reaction proper. Adsorption must 
also affect the kinetics of competing reactions, i.e., the kinetics 
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of hydrogen or oxygen evolution. The presence of adsorbed substan- 
ces on the electrode surface may either increase or decrease the 
hydrogen or oxygen overpolential. This in turn will alter the con- 
ditions of reduction or oxidation reactions. These conceptions are 
in conformity with the experimental fact that the electrochemical 
reduction or oxidation of many substances oflen proceeds with 
a considerable current efficiency at polentials markedly higher 
than those at which (for the same current density) hydrogen or 
oxygen is evolved from solutions containing no depolarizer. For 
example, the Kolbe synthesis is feasible just because organic sub- 
stances adsorbed on a platinum electrode poison it. thereby hindering 
oxygen evolution and shifting the potential to a value at which 
anions of carbonic acids can begin to oxidize (Antropov, 1946). 
At first glance the adsorption of organic substances at such posi- 
tive potentials seems to be impossible. It is necessary however to 
take into account that the oxidation of the electrode surface results 
in an increase in the electronic work function and hence in a shift 
of the uncharged-surface potential to the positive side. In isolated 
cases the value of € changes by one volt or more. Therefore, when 
the potential of a given metal is shifted from the ios! negative 
to the most positive values, it may happen that not one but two or 
more maxima of the adsorption of organic substances appear near 
the corresponding uncharged-surface potentials. 


CHAPTER 22 


Electrodeposition of Metals 
from Solutions 


22.1. GENERAL DESCRIPTION OF THE PROCESS 


The electrochemical deposilion of metals from aqueous solutions 
of their compounds lies at the basis of hydro- and electrometallurgical 
processes. i.c.. extraction of metals from their ores (electrowinning) 
and their purification (electrorefining) by electrolysis. Among the 
metals produced and refined by hydro- and electrometallurgical 
processes are copper, nickel, zinc. cadmium. tin, lead, silver, gold. 
manganese. etc. Technically pure metals can he produced and metals 
recovered profitably from low-grade ores by hydro- and electrometal- 
lurgy. The electrochemical deposition of metals is used (o protect 
the basis metal from corrosion by coaling it with more stable metals 
or alloys and also to impart a pleasing, decorative appearance to 
articles (electroplating). Another use of metal electrodeposition 
is for prodi sing replicas and reproducing works of art, for the 
manufacture of strips, seamless tubes, printed circuits. etc. (electro- 
forming ani ectrotyping). The possibility of using electrolysis with 
metal deposition to satisfy practical demands was first indicated 
in 1837-38 ^x the Russian Academician Yakobi. who can be rightly 
called the i:iventor and founder of electroplating and related pro- 
cesses. 

Metals are generally clectrolytically deposited from solutions 
of their simple salts—sulphates, chlorides or nitrates. The overall 
cathodic reaclion in this case is the discharge of hydrated metallic 
ions with their subsequent incorporation into the crystal lattice 
of a cathodically formed deposit: 


;. 2II20 + ze = [M] + 2H.0 (22.1) 


The cathodic deposition of metals from solutions of their complex 
ions with a net positive (or negative) charge also finds wide use. 
especially in clectroplating. For solutions containing complex ions 
the overall reaction of cathodic metal deposition may be written 
as follows: 


MAX T ze = [M] + zA- (22.2) 


where z is the valency of the metal in the complex IIA x. 
The electrochemical deposition of metals from aqueous solutions 
always occurs at a more electronegative potential than the equili- 
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brium potential of the corresponding metal under given conditions. 
The difference in potential between an electrode at equilibrium 
and an electrode subjected to an external current (i.e., in the cathodic 
deposilion of metals) corresponds to the electrode polarization 


Ae = e — Ver (22.3) 


That part of the total polarization which is not associated with 
the slow transport process is often called the metal overpolential. 
The magnitude of overpotential is here also related to the nature 
of the electrode process. 

As in other electrode reactions, in the electrochemical deposition 
of metals the polarization is dependent on current density. increasing 
with it. In this case, however, the form of this dependence is often 


Fig. 22.1. Various growths of a cathodic depo-i:: 


a—varlatlon of the cross-sectlon of a needle-like crystal with current density (1,2, e 
= 1,/Q, = 1,/Q, = IQ, = i; b—spreading of a deposit over tlie c: thede surface in the 
form of a thick packet 


more complicated. Even for the deposition of the same metal, the 
results of polarization measurements may take the form (depending 
on the range of current densilies used. solution composition and 
temperature) of straight lines in one of the following coordinate 
systems: 


1— i, n— log i, x bog i, sa leg 


Experimental investigation of the kinetics of the cathodic depo- 
sition of metals is a complicated task, because of the specific features 
of this process. The cathode surface does not remain intact during 
electrolysis, it changes all the time as the metal is being deposited. 
The growth of a deposil is essentially dependent on the nature of the 
metal and electrolysis conditions. Some metals, e.g. silver and 
thallium, are characterized by the formation of very thin needle-like 
crystals called whiskers and dendrites. By watching the growth 
of a needle-like crystal one can see that its cross-section is changed 
as the applied current is varied. Often (see Fig. 22.1a) the needle- 
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like crystal becomes thicker with increasing current and, conversely, 
its thickness diminishes as the current falls (Samartsev. Gorbunova. 
Vagramyan). The surface. on which metal deposition occurs, adapts 
itself, as it were, to the current in such a manner that tbe current 
density and. hence, the linear rate of growth of the crystal remains 
approximately the same. Not infrequently lamellar growth of a depo- 
sit is observed. in which case the crystalline packet moves at a 
definite rate along the cathode surface (Fig. 22.1b). The metal is 


Fig.[22.2. Micrograph of the spiral growth of a silver deposit (after Kaischew) 


deposited noi on the entire surface but only on the slope of the 
packet, which is thus the actual advancing crystal front. By studying 
the conditions under which a deposit is formed on a single crystal 
of silver it was found that the crystal grows regularly along one 
or several spirals. Figure 22.2 shows a typical micropicture of the 
Spiral growth of silver. 

Ihe specificity of the growth of electrolytic metal deposits makes 
it difficull Lo measure the current density or, in other words. the 
rate of an electrochemical process. Here one should distinguish between 
the apparent current density, i. e., the current per unit of geometrical 
(visible) surface area of the electrode, and the true current density, 
Which is equal to the ratio of the current to the active surface area, 
l.e., to the actual growth surface of the deposit. During the forma- 
lion of a cathodic deposit the true current density may vary with 
the apparent current density remaining constant. 
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Study of the kinetics of electrodeposition of metals is also associa- 
ted with difficulties due to the time variation of the cathode poten- 
tial. The variation of the potential and of electrode polarization 
is caused not only by the change of the active surface area and of true 
current density but by other factors as well. The time variation 
of the potential is especially pronounced during the deposition 
of metals on electrodes of other metals when electrolvsis gives rise 
to a new metallic phase, for example, during the deposition of cad- 
mium, copper. silver, mercury, and a number of other metals on 

a platinum cathode. This phenomenon 

was first delected by LeBlanc in 1910. 

The overpotential is found to vary with 

time also during the deposition of a me- 

tal at a cathode of the same metal. 

Figure 22.3 is a typical polarization- 

lime curve oblained in the deposition 

of silver at a silver cathode (Samart- 
sev, [Evstropiev). 

In the usual procedure of tracing po- 

larization curves the potentials are 

t measured after a certain lapse of time 

from the moment when zs new value of 

Fig. 22.3. Variation of over- current is applied. Thes: time intervals 


potential with time frequ- : ; i 1 ` 
ently observed in the cat. are different in experiments carried out 
lows from the 


hodic deposition of a metal by different authors. As i: 
(after Samartsev and Evstro- lime variation of the potential (Fig. 22.3). 
pyev) widely differing values ci polarization 
are obtained at the same current den- 
sity, which makes the data of different authors incomparable. 
The nature of a deposit and the conditions of ils formation in time 
al a constant current (or at a constant potential) depend not only 
on the type of the metal but also. to a large degree. on the solution 
composition and the impurities present in solution. The presence of 
surface-active substances and also of various oxidizing substances 
(e.g. dissolved oxygen) affects the kinetics of metal electrodeposition. 
The degree of purity of the solution and the nature of the impurities 
may affect the crystal growth, the number of crystallization centres 
arising in unit time on a unit surface area of the cathode, the 
polarization at a given current density. its variation with time. 
etc. 

In those cases where the cathodic yield of a metal is lower than 
unity (electronegative metals, high current densities) complications 
arise, which are associated with the variation (usually, the increase) 
of the pH in the catholyte owing to hydrogen evolution. The alkali- 
zation of the solution near the cathode favours the hydrolysis of the 
metal’s salts with the formation of ils basic salts and hydroxides, 
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which can affect the course of electrodeposition and be incorporated 
into the cathodic deposit. 

In spite of serious difficulties encountered in experiments and in 
theoretical interpretation of the results obtained due to the specific 
features of metal deposition processes. a large body of factual 
material has been accumulated and definite conceptions have emerged 
concerning the nature of these processes. Suíficiently reliable data 
can now be obtained owing to the improved experimental technique 
(new methods of investigation, which make it possible to avoid 
complications associated with the peculiarities of crystal lattice 
buildup and time variation of potential); the development of proce- 
dures for measuring the growth surface and. accordingly. the true 
current density; thorough purification of solutions, etc. 


22.2. THE EFFECT OF VARIOUS FACTORS 
ON CATHODIC DEPOSITION OF METALS 


22.2.1, THE ROLE OF THE METAL NATURE 
In the electrolysis of solutions of simple salts the nature of cathodic 
deposits and the magnitude of electrode polarization are primarily 
determined by the type of the metal being deposited (Table 22.1). 
TABLE 22.1 


Classification of Metals According to Overpotential 
in Deposition from Solutions of Their Simple Salts 


Metal 
Properiy le. Ag. 
e Tie ahs ni. cu. Zn Co, Fe, NI 
Overpotential, V 0 to nx 1073 nx 10-2 ax 10-1 
Exchange current. Asem? | nx 1071 to nx 1073 | nx ton, i075] 0 x to 
a X 10-9 
Mean linear dimensions — 10-3 10-3 to 1071 xu 


of grains, cm 


All the metals listed in Table 22.1 are divided into three groups. 
One group includes metals deposited from aqueous solutions either 
without overpotential (mercury) or at an overpotential nol exceed- 
ing several millivolts at ordinary current densities (silver, thallium. 
lead. cadmium, and tin). The time variation of potential. the intri- 
cale growth of the cathodic deposit and other characteristic features 
of the cathodic deposition of metals are manifested most distinctly 
for this group of metals (except mercury). At industrial current 
densities these metals form rough deposits with coarse grains reach- 
ing several tens of microns across. Exchange currents are very high 


31—0363 


482 Part Siz. The Kinetics of Some Electrode Processes 


for metals of this group. For example, the exchange current between 
metallic mercury and a solution of mercury nilrale reaches 
4 X 17! A/em?, that between silver and a solution of silver nitrate 
reaches 1 x 107? A/cm?. and that between cadmium and a solution 
of cadmium sulphate, 107? A/cm*. 

Bismuth, copper and zinc form the intermediate group. In the 
case of these metals the overpotential is of the order of several 
tens of millivolts, thinner deposits are formed (the mean grain 
size does not exceed 10 h) and the exchange currents are smaller 
than those for the metals of the first group. For example, the exchange 
current between copper and a solution of copper sulphate is close 
to 1075 A/cm?. 

The highest metal overpotential is exhibited by metals of the 
iron group where it reaches several tenths of a volt. These metals 
are deposited on the cathode in the form of dense fine-grained forma- 
tions. Exchange currents are small: 1079 and 10-? A/cm? for iron 
and nickel, respectively, in solutions of their sulphates. 

The data presented in Table 22.1 refer to ordinary electrolysis 
conditions under which a metal is deposited on a polycrystalline 
substrate and forms deposits having also a polycrystaliine structure. 
The surface of such deposits is formed by faces of diferent crystallo- 
graphic indices. Which faces will predominate on the deposit sur- 
face depends on the conditions of electrodeposition. It is therefore 
important to find out whether the metal overpotential depends 
on which faco the metal is deposited on. The existence of this depen- 
dence has been confirmed by experiments with single crystals of 
a number of metals with different faces oriented towards the 
solution. From Table 22.2 (after Piontelli) it fol}ows that in the 


TABLE 22.2 


Dependence of Metal Overpotential (mV) on Single Crystal 
Face Index at 1 10 mA/cm? and & 25%. 


Metal and solution 


Pb Sn Cu NI 
Face index 7 Le ae E 
0.5M He 0. 0.5M SnCl;, 0. 5M Cu( CIO) z. 16M NIClz. 
0.5M HC O. 0. 5M t HCl 0. 5 f HCIO; 0.33M H3BOs. 
pH = 3.1 
(100) 3.0 2.5 35 786 
(110) 3.0 4.0 30 809 
(111) 4.4 — 43 819 


case of metals of low overpotential a change from one face to another 
causes a considerable relative change of overpotential. For example, 
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a change irom the (111) face to (110) during the deposition of lead 
decreases the overpotential from 4.4 to 3.0 mV, i.e., almost by 
one and a half times. For copper. the relative effect of the face index 
is less pronounced. and the maximum difference in overpotential 
does not exceed 40 per cent, though the absolute variation of overpo- 
tenlial in changing from one face to another is here much wider 
than in the previous case. When nickel was deposiled, the maximum 
difference in overpotential was observed for the ({11) and (100) 
faces, where it reaches 80 mV. The nature of the face is not so essen- 
tial in this case since the relative variation of overpotential is only 
3 to 4 per cent. From Table 22.2 it also follows that the maximum 
value of metal overpotential depends on the type of melal rather 
than on the crystallographic orientation of the electrode surface. 
No matter on which face the metal is deposited, the overpotential 
is always higher for nickel than for copper. and for copper than 
for tin and lead. 

The secondary role of crystallization factors in overpotential 
phenomena ix also evidenced by data on the kinetics of cathodic 
deposition of mercury-soluble metals on corresponding amalgams. 
The results cbtained by kinetic studies of reactions of exchange 
of metallic ions between diluted amalgams and nitrate solutions 
indicate th»: ihe exchange current decreases in the following order: 


Tl, Pb, Cd > Cu, Zn > Ni 


The potential-time curves obtained by Heyrovsky by means of 
oscillographic polarography show that the degree of reversibility 
of the discharge and ionization reactions at mercury (more precisely, 
amalgam) dlentrodes decreases in the following sequence: 


TI, Pb, Cd, Sn, Bi, Sb, Zn, Cu 


The order of arrangement of metals according to the degree of their 
irreversibility and, hence, to the magnitude of metal overpotential 
is practically independent of whether a metal is deposited on a solid 
cathode of (he same metal or on a diluted amalgam of the correspond- 
ing metal. The deposition of metals of the iron group on mercury 
is also accompanied by a polarization considerablv higher than 
in the case of all the other metals listed in Table 22.1. Here it pro- 
ceeds still less reversibly than on solid cathodes. These metals howe- 
ver are almost incapable of forming amalgams and they are deposited 
al mercury cathodes onto poorly bound small crystal islands. 


32.2.2, THE EFFECT OF SOLUTION COMPOSITION 


Systematic investigations of the effect of the solution composition 
on the kinetics of electrodeposition of metals were begun in 1917 
by Izgaryshev. It was found that the cathodic deposition of metals 
from solutions of their simple salts is affected by the nature of the 
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salt anion. The effect of the anion on the overpotential and on the 
nature of the deposits formed is observed for many metals but it 
reveals itself most strongly in the case of metals the deposition 
of which does not involve high polarization. Usually the overpo- 
tential decreases from anion to anion in the following order: 


POr-, NO; SO, CIO; > NH.SO; > Cl- > Br- > I- 


The tendency to form rougher, coarse-grained deposils increases 
in the order indicated. The effect of anions is quite comparable 
with the effects exerted by crystallographic factors. For example, 
when one changes from perchlorate solutions lo sulphamine solutions 
an almost two-fold decrease of the overpotential is observed in the 
electrodeposition of lead, while in changing from the (111) face 
to (100) it decreases by less than one and a half times. 

The presence of indifferent cations in the solution, apart from 
the discharging metallic ions. increases the metal overpotential. 
Such effects have been observed in the deposition of nickel, zinc, 
copper, and other metals. Indifferent cations in aqueous solutions are 
usually hydrogen ions. As a general rule. the metal over potential rises 
with increasing concentration of hydrogen ions. The overpotential 
is found lo increase considerably in the presence of surface-active 
cations of the tetrasubstituted ammonium type. 

The high sensitivity of the process of metal electrodeposition 
lo the presence of impurities in solutions indicates that the addition 
of any substances (not only electrolytes}. „specially those having 
surface-aclive properties. is essential here. Dy way of example. the 
introduction of a negligible amount of gelatine (of the order of 0.003%) 
into a plating bath changes the cathode polarization and the nature 
of tho doposils formed (Izgaryshev. Titov. 1917). 

The addition of traces of molecular an:! ionic substances to the 
solution is one of the most effective wars for allering the course 
of the electrodeposition of metals. Many predominantly organic 
substances are capable of enhancing the lustre of dull deposils 
(brightoning agents). levelling out their surfaces (smoothing agents) 
and modifying other properties, c.g.. porosity. hardness, embrittle- 
ment, ability to occlude hydrogen, etc. (Kudryavtsev. Matulis. and 
others). 

A new type of polarization for the cathodic deposition of metals 
discovered by Loshkarev is adsorption polarization, which allers 
the rate of metal deposition on mercury and also on solid cathodes 
after addition of certain surface-aetive substances (e.g., tribenzyl- 
amine). First, the deposition rate becomes slower than before addilion 
of surface-active substances and. second. il becomes independent 
of tho cathodic potential over a wide range of potentials. However, 
after a certain (usually. strongly negative) potential is reached. 
the effect of the additive ceases. The rate of deposition begins to 
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increase rapidly, approaching the norma! value under given condi- 
tions, which corresponds to the diffusion limiting current. A compa- 
rison of the results obtained from polarization measurements on 
mercury cathodes with electrocapillary curves and differential capa- 
cily curves (traced before and afler the additive is introduced) 
has shown that the potential, at which the aclion of the additive 
discontinues. coincides with the 
potential of its desorption 
(Fig. 22.4). The effect of the ad- 
dition agent is specific here. One 
and the same addition agent (or 
a certain combination of additi- 
ves) has a different retarding 
effect on the discharge of diffe- 
rent ions on a mercury cathode. 
The phenomenon of adsorption 
polarization is used to improve 
the quality of deposits in the 
electrolytic production of alloys. 

All these data refer to the 
deposition of metals from solu- 
tions of ilieir simple salts. If 
inorganic or organic additives 
form complex compounds with 
the metz being deposited and 
conver! i: hydrated ions into 
complex ones. the course of the 
cathodic process will change 


Fig. 22.4. Diagram illustrating the 
phenomenon of adsorption polariza- 
tion (alter Loshkarev): 

f and I'—polarization curves in the cat- 
hodic deposition of a metal under ordinary 
conditions and under the conditions of 
formation of an adsorption film: 2 and 


markedly. First of all, the for- 
mation of complexes in the solu- 
tion shifts the equilibrium poten- 


2'—electrocapillary curves traced Ina pure 

solution and in a solution containing eur- 

face-active substances: 3—capacity curve 
with a desorption peak 


lial of the metal in the negative . m 
direction by reducing the concentration of its free ions. The addition 
of a substance M’A (whose anions are capable of forming complex 
compounds MA, with the ions of the metal being deposited. M**) 
causes a complex formation reaction in the solution: 

M. TA = MAi-* (22.4) 
where (z — z) is the charge of the ions formed. Reaction (22.4) 
is characterized by the complex-formalion constant (or formation 
constant): 
= IMA} *] 

K = MAF 

The reciprocal of this quantity is called the instability constant: 


(Mz*+] [A ]* 
Kin = IMA * (22.6) 


(22.5) 
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The instability constant characterizes the ability of a complex 
to dissociate with recovery of the initial ions M^* and thus determi- 
nes their equilibrium concentration 


[M^] = Kin [MA3 *] 


As a result of the complex formation reaction a certain fraction 
of the M** ions (which is the greater, the lower the instability con- 
stant) will be present as complex ions Mi-* in solution and, con- 
sequently, the concentration of free metallic ions must diminish. 
This decrease and, hence, the shift of the reversible electrode poten- 
tial in the negative direction will be the greater the lower the insta- 
bility constant and the higher the concentration of the addition 
agent. By choosing appropriate complexing agents and their concen- 
trations one can change the equilibrium potentials of different 
metallic ions present in the solution so as to ensure either their 
codeposilion to produce an alloy or their maximum possible separa- 
lion. 

The appearance of complexes in solution affects not only the 
equilibrium potentials of metals but also the m:cnilude of overpo- 
tential and the nature of cathodically formed deposits. On switching 
from simple electrolytes to complex ones the overpolential gene- 
rally increases and the grain size of deposits decreases; simultaneou- 
sly, the tendency toward the formation and growth of dendrites 
is suppressed. For example, silver, which is deposited al the cathode 
during electrolysis of its nitrate solution almost without polariza- 
lion and gives course-grained rough deposits, can be obtained from 
complex cyanide electrolytes in the form of stuooth fine-grained 
deposits. 


22.3. THE NATURE OF METAL OVERPOTENTIAL 


The electrode polarization observed in the deposition of metals 
may be associated either with phase transformations (see Chapter 15), 
in which case it is one of the types of phase overpotential (the 
slow formation of two- and three-dimensional nuclei, surface difu- 
Sion of adatoms or adions), or with the slow occurrence of the electro- 
chemical step (see Chapter 16), in which case il may be identified 
with electrochemical overpotential. In the electrodeposition of metals, 
hindrances at the transport and chemical-transformalion steps (see 
Chapter 16) preceding the electrochemical act play an important 
role. In considering the cathodic deposition of metals (especially, 
from complex electrolytes) it is therefore necessary to take into 
account concentration polarization, i.c., diffusion overpotential and 
chemical (or reaction) overpotential. And, finally, under the condi- 
tions of cathodic deposition of metals, the energy state of the ion 
in the deposit formed may differ from its state in the normal crystal 
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lattice of the given metal and correspond to a higher energy level. 
The transformation from this metastable form into a stable form 
may also cause the appearance of a special Iype of phase (crystal- 
lization) overpotential. 

Tho predominance of one or other type of overpotential is governed 
by the nature of !he metal, solution composition, current densily, 
and electrolyte temperature. When simple, noncomplex electrolytes 
are used al ordinary temperatures, the overpolenlial depends on the 
nature of the metal (see Table 22.1). Experimental data indicate 
that the deposition of metals al the beginning of the series (Hg. Ag. 
Tl. Pb, Cd, Sn) is accompanied by insignificant polarization caused 
mainly by tlie slow formation and growth of a new phase. The slow 
rate of the electrochemical step is not essential here. In the electro- 
chemical litcrature these metals characterized by phase overpotential 
are often called normal metals. Conversely. in the deposition of metals 
standing a! ihe end of the series in Table 22.1 (metals of the iron 
group) a high polarization is observed, which is predominantly 
caused by ilie slow rate of the electrochemical step. These metals. 
characterized by an electrochemical overpotential, are called inert 
metals. Metals such as Bi, Cu, and Zn occupy an intermediate position 
with respect to both the magnitude of polarization and the nature 
of overpotential (here the superposition of several lypes of overpo- 
tential is invest probable). 

Accordin to Volmer, the different nature of deposits cathodically 
formed by normal and inert metals is due to this difference in the 
magnitude and type of overpolential. From this point of view. 
all factors responsible for the slow rate of the discharge step must 
diminish the relative role of crystallization phenomena and encourage 
the formation of uniform and fine-grained deposits. The discharge 
reaclion rale can be reduced still further either by conversion of 
simple ions into more stable complexes or through the addition of 
surface-aclive substances (if their adsorption has the strongest effect 
on the discharge step). This point of view is supported by the change 
in the structure of deposits observed in going from simple electroly- 
tes Lo cyanide ones and also by the character of electrodeposition 
under the conditions of adsorption polarizalion. 


22.4. FACTORS CONTROLLING POLARIZATION 
IN TIIE CATHODIC DEPOSITION OF VARIOUS METALS 


22.4.4. THE ENERGY OF THE ION IN A METAL 
AND ITS STATE IN SOLUTION 


It is not quite clear yet why there is such a marked diflerence 
in the magnitude and nature of overpolenlial of normal and inert 
metals and which properties of metals (or solutions) are responsible 
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for it. An attempt was made to ascribe these phenomena to the 
difference in the bond strength of ions in solution and in the crystal 
lattice of normal and inert metals. This assumption is tanlamount 
to postulating that the ions participating in the discharge are in the 
same form in which they are present in solution and that the discharge 
moves the ion directly to its final position in the metal lattice. 
According to this assumption the discharge act coincides with 
the overall electrode reaction of metal deposition, and the energy 
changes involved correspond to the Gurney diagram (see Fig. 9.8, 
page 235). The minimum of the left potential curve represents the 
stable position of the ion in solution and. in the case of simple ions, 
is determined by the hydration heat H of the ion. The minimum 
of the right potential curve refers to the stable position of the ion 
in the surface layer of the metal lattice and is determined by the 
work of ils removal Y. The activation energy of discharge increases 
with increasing hydration energy of the jon and with decreasing 
work of its removal. Thus it would be expected that for normal 
metals the hydration energy of their ions in solution is lower, and 
the work of removal of the ions from the lattice greater, than for 
inert metals. This assumption however is not confirmed by experi- 
mental data. For example, from Table 22.3 it follows thal the 


TABLE 22.3 


» 


of Removal of Ions from the Crystal Lattice for Some Metals 
ren MCCC ME 


Comparison of Chemical Energies of Hydration with Energies 


Tons 
Property, 


keal/g-ion T 
Agt | Cd: | Co?* | Cu? - | Fe?+ | Ni?* | pb?* | Zn?* 

— ... ̃ ˙—— 
H 113 425 480 491 448 491 353 479 
Y 131 432 409 535 430 472 371 460 
Hy —19 —7 | 7 | —44 | ts fis 219 


inse dd 


difference H — Y, as well as the absolute values of the hydration 
energy and the work of ion removal, is almost idenlical for zinc and 
nickel, though zinc is deposited with a much lower overpotential 
than nickel. 

The inadequacy of such a simplified picture follows from more 
general considerations as well. Standard electrode potentials vary 
along with tho variation of the difference between the chemical 
hydration energy of ions in solution and the work required to remove 
the ions from the crystal lattico. It would have seemed therefore that 
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the metal overpotential must vary in the same sequence as the vol- 
tage series of metals. But this conclusion is in discord with experi- 
ment. For example, zinc, whose standard potential is equal to 
—0.76 V, is deposited with a lower overpotential than iron, the 
standard potential of which is —0.44 V. At the same time the over- 
potential in the deposition of zinc is approximately the same as 
in the deposition of copper, which is an electropositive metal 
(e&usjcu = -i- 0.34 V). This by no means implies that the ionic bond 
strength in solution and in the metal plays no part at all. This 
factor however cannot be estimated simply by comparing tho values 
of H and Y. 

The assumption that the deposition of a metal proceeds not as 
a multistep consecutive reaction bul as a single elementary act contra- 
dicts all data obtained in studies of the kinetics of various electro- 
chemical processes. This assumption would imply, say for cathodic 
hydrogen evolution, that the hydrogen overpolential is independent 
of the nature of the metal, which is not true. [n order to explain 
the relation existing between the metal overpotential and the nature 
of the metal and also the effect of the solution composition on over- 
potential, i! is necessary to take into account not only the initial 
and final states of metallic ions but also the nature of elementary 
acts. Here one should reckon with the state and properties of reacting 
particles at various stages of the overall process. 

Many investigators attempted to improve the theory of metal 
electrodeposition by resorling to the concepts of the electronic struc- 
ture of metzilic ions. One such attempt was made by Lyons (1954). 
According !o ihis author, the metal overpotential depends on the 
electronic structures of discharging ions and of the cathodically 
deposited metal. Here the overpotential is assumed to be especially 
high in two cases. First, if aquo-complexes (or other complexes) are 
formed by ions at the ex pense of the electrons located in inner orbitals 
(inner-orbita! complexes), which results in the formation of the stron- 
gest ionic bonds in solution. Second, if the difference in the electronic 
structure of the ion and the metal is great; in this case a considerable 
aclivation energy is required for these structures to be rearranged 
during discharge. Discharging ions usually have a different structure 
than the ions present in solution. This is attributed to the partial 
dissocialion of a simple hydrated or a complex ion on the electrode 
during adsorption. The available bonds hold the ion on the electrode 
surface, while the electronic structure of the ion is further rearranged. 
up to the moment of discharge, tending to assume the structure of the 
ion in the metal. This is followed by the discharge involving either 
complete dehydration of the ion or decomposition of the complex 
and inclusion of the metal atom into the crystal lattice. 

All the metals listed in Table 22.1 form. according to Lyons, 
outer-orbital aquo-complexes, i.e., complexes formed with the parti- 
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cipalion of electrons situated in outer orbitals. This makes possible 
their deposition from aqueous solutions in contrast to such metals 
as lilanium, zirconium and others, whose ions are present in solution 
in the form of inner-orbital complexes. The high overpolential of 
metals belonging to the iron group is altribuled to a considerable 
difference in the electronic structure of discharging aquo-ions and 
the corresponding metal. Conversely, the electronic structure of 
normal metals in a crystal and in aquo-complexes is similar and 
therefore they have a low overpotential. 

Lyons’ views reflect, to some extent, certain features characteristic 
of the processes of cathodic metal deposition. No doubt, the electronic 
structure of ions has some share in these processes. At the same 
lime the Lyons theory does not give a detailed explanation of the 
nature of metal electrodeposilion processes. This is associaled, 
first of all, with the lack of reliable data on the structure of ions 
in solution and at the electrode surface, which makes one resort lo 
hypothetical structures. Further, the Lyons theory. though making 
use of such hypothetical structures, is incapable of explaining 
certain experimental relations concerning, for example, the deposi- 
tion of metals of the platinum group. This ihcory does not take 
into account the effect of the electrode potential and of the double- 
layer structure on the electrodeposition of metals. And, finally, 
it cannot explain the role played in this process by the solution 
composition and, especially, by surface-active substances. The con- 
cepls of the role of the structure of dischargiu:: metallic ions in the 
electrodeposilion of metals were further developed by Vlček (1957). 


22.4.2. THE ACTIVITY OF THE CATHODE SURFACE 
IN METAL DEPOSITION 


According to another point of view the nature and magnitude 
of metal overpotential depend on the stale of the cathode surface, 
which may be different for different metals. One of the causes respon- 
sible for this difference is associated with the possibility of hydrogen 
evolution and ils influence on the course of metal deposition. [t is 
known that electrolytic deposits of iron, nickel and cobalt always 
contain a noliceable amount of hydrogen. The presence of hydrogen 
may be regarded as one of the possible factors causing distortion in the 
crystal lattice of deposits of these metals, internal stresses, embrittle- 
ment. elc. Deposits of copper and zinc contain less hydrogen. Hydro- 
gen is practically undetectable in electrolytically deposited cad- 
mium or lead. From this it follows that the metal overpotential 
increases with increasing amount of hydrogen included in a metal 
deposit, i.e.. that hydrogen probably interferes with the cathodic 
deposition of metals. It was thought that hydrogen has an inhibiting 


Ch. 22. Flectrodeposition of Metals 491 


effect on the discharge process by forming a surface film or metal 
hydrides. 

In connection with the effect of hydrogen on the kinel ies of metal 
deposilion il is important to find out the factors responsible for 
the presence of different amounts of hydrogen in different metals 
and hence for the difference in the inhibiting effect. It has been 
found that, in a general case. there is no direct relation between 
the fraction of the total current consumed for hydrogen evolution 
and the hydrogen content in the metal. For example, in the electro- 
deposition of zinc the current yield of hydrogen is usually higher than 
in the case of iron; but the content of hydrogen in it is always lower 
and the overpotential at which hydrogen is evolved on it is also 
lower. The deposition overpotenlial of metals increases in the same 
order in which their hydrogen overpotential decreases. However, 
the imporlant point is the mechanism of hydrogen evolution on 
a given metal rather than the magnitude of hydrogen overpotential 
(Antropov. 1952). The occlusion of hydrogen by a metal deposit 
is the more probable the slower the removal of adsorbed hydrogen 
atoms from the metal suríace. The largest amounis of hydrogen 
are Lhereforc detected in cathodic deposits of metals belonging to the 
iron group since in this case the recombination of hydrogen atoms 
proceeds a! a slow rate. 

The presence of adsorbed or occluded hydrogen however cannot 
be considered as the main factor determining the specificity of the 
cathodic deposition of metals. 

The difference in metal overpotential and in the nature of cathodic 
deposits might be attributed to the different tendency of metals 
towards passivation and their different adsorption capacity. The 
appearance of foreign substances on the surface of a growing deposit 
impedes the discharge of metallic ions and their incorporation 
into the crystal lattice. This retarding effect must be the more pro- 
nounced, the more readily a given metal is passivated. The role 
of passivating agents can be played by dissolved oxygen, impurities 
of organic substances and catalytic poisons, certain foreign (indiffe- 
rent) ions which do not participate in the clectrode reaction, and 
other substances. From this point of view, the special position of 
metals of the iron group, in particular their high metal overpotential, 
is due to the fact that these metals exhibit a stronger tendency 
toward passivalion (Samartsev, Gorbunova, Vagramyan). 

This factor however does not seem to be decisive either and evi- 
dently is not responsible for the order of arrangement of metals 
according to their overpotential. The difference in the metal over- 
potentials of inert and normal metals remains large even when 
solutions are most thoroughly freed from impurities and oxygen. 
Similarly, lead, which is passivated much more readily than zinc, 
is deposited at a lower overpotential. 
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22.4.3. THE CHARGE OF THE METAL SURFACE 
IN CATHODIC DEPOSITION 


The occurrence of adsorption phenomena at a metal-electrolyte 
interface and, consequently, the degree of their effect on the processes 
taking place there largely depend on the potential or, more exactly, 
on the charge of the metal. 

In the past it was taken for granted that the cathode surface is 
always negative, and the more negative the less noble is the electrode 
metal. This point of view, which has survived up to now, is incor- 
rect. The charge on the metal surface is determined neither by the 
role played by the metal in an electrochemical process (i.e., whether 
it is the cathode or the anode) nor by its electrode potential under 
given conditions. The charge on the electrode surface can be evaluated 
by using the correlative or q-potential scale proposed by Antropov. 
The electrode potential on the q scale is the difference between the 
polential of the electrode under the particular conditions (e.g.. 
in the electrodeposition of metals) and the corresponding null point: 

S = — Ey 

The magnitude of the electrode potential on the scale serves as 
a measure of the surface charge, making it possible to predict which 
ions have more chance to be adsorbed under given conditions. This 
can be illustrated by the cathodic deposition of uickel, zinc, cad- 
mium, and lead from solutions of their simple sa!i-. All these metals 
are deposited al negative potentials (on the hydrogen scale), which, 
under ordinary electrolysis conditions, are approsimately as follows: 
0.80 V (Ni and Zn), —0.45 V (Cd) and —0.15 V (Ph). Their poten- 
tials on the correlative scale, i. e., their charges. can be estimated by 
using data on the null points of these metals (sce Table 10.3): 


9x; = —0.80 — (—0.2) = —0.G V 
Pzn = —0.80 — (—0.5) = —0.3 V 
Pca = —0.45 — (—0.7) = --0.25 V 
Pra = —0.15 — (—0.7) = --0.55 V 


From these values of ꝙ potentials it follows that under the conditions 
of electrodeposition nickel has the most negative charge, then comes 
zinc. which is also negatively charged, while cadmium and lead 
are charged positively. In the course of electrodeposition, predomi- 
nantly cations must be adsorbed on the surface of nickel and zinc 
deposits and anions on the surface of cadmium and lead deposits 
These conclusions apply only to solutions containing no surface- 
active substances capable of being adsorbed also on a like-charged 
metal surface. They however can also be extended to solutions contain- 
ing surface-active substances, provided that the specificity of adsorp- 
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tion is determined by the properties of their particles and not of the 
melal. Then, knowing the mechanism of adsorption of surface-active 
substances at least on one metal, e.g. on mercury. one can find, 
by means of the correlative scale, the most probable region of poten- 
tials in which the same substances may be adsorbed on the surface 
of any other metal. This allows one to establish, in each particular 
case, the possibility of their influence on the kinetics of electrodepo- 
sition. Suppose a substance can be adsorbed on the surface of mercury 
up to the potential Hgedes = —1.0 V, which may be called the 
negative desorplion potential (the value of desorption potential 
on mercury can easily be found from capacity or electrocapillary 
measurements). Since the null point of mercury is —0.2 V. the 
negative desorption potential on the « scale must be: pgỌaes = 
= —1.0 — (—0.2) = —0.8 V. Assuming, as a first approximation, 
that desorption always begins at one and the same charge and using 
the properties of the @ scale, one can assert that for any met al M 
desorption will occur at a value of país, equal to peGdes. i. E., 


Mi des = Maffdes = -- - 77 Ig dos 


Hence, the given surface-active substance will cease affecting the 
kinetics of an electrode process at one and the same ꝙ potential 
irrespective uf the nature of the metal. To a constant ꝙ potential 
of desorption of the given substance there will, however, correspond 
entirely dilierent electrode potentials dependent on the nature 
of the metal. For example. the substance chosen will be desorbed 
from the zinc surface at a e potential equal to —1.3 V and not to 
—0.8 V (as in the case of mercury) since 


Znaes ^7 HgPacs = Zn&des — znf£N 
and 


ZnÉdes == ZnPdes i ZnEN = Hades — nk x 


Analogously, it can be shown that the desorption potentials 
for cadmium and lead will be the same (—1.5 V). [n just the same 
way one can find the potentials at which adsorplion begins or. in 
other words, the positive potentials of desorption. Having thus 
determined the range of e potentials within which the adsorption 
of the given substance on different metals is probable, one can 
establish whether it is capable of affecting a particular electrochemi- 
cal reaction proceeding at a specified electrode potential. 

For polycrystalline metals the region of reversible adsorption 
may be wider than for mercury since the faces of the same crystal 
with different crystallographic indices are characterized by different 
work functions and, hence, by different null points. In practice, 
however, the opposite effect is often observed—the region of poten- 
tials in which adsorption occurs at solid metals under the conditions 
of their electrodeposition is found to be narrower than thal determi- 
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ned from the data of electrocapillary or capacity measurements 
on mercury. The point is thal in the electrodeposition of metals 
surface-aclive substances are either incorporated into the cathodic 
deposit or subjected to chemical change, i.e., are consumed in some 
way or other at a certain rate during electrolysis, and their adsorp- 
Lion ceases to be reversible. The loss of the surface-active substance 
in the catholyte must be constantly compensated, and here diffu- 
sion becomes important. If the kinetics of adsorption are partly 
controlled by diffusion (diffusion-adsorption control), the concentra- 
tion of surface-active substances near the cathode will be lower 
than that in the bulk of the solution. In this case, a more or less 
correct picture of the adsorption region can be oblained by using 
the electrocapillary curve traced in the solution and the bulk con- 
centration of the additive equal to thal set up near the cathode surface 
during the electrodeposition of a metal. 

If surface-active substances are supplied to the growing cathodic 
deposit at a limiting current (pure diffusion control), their electro- 
capillary behaviour will play but a minor role. 

Nonetheless, the considerations based on the correlative scale 
of potentials may be useful in searching for ci'cctive additives 
and electrolytes to bo used in plating and hydroclectrometallurgical 
baths. 

Since the charge of the metal surface determine» the conditions 
of adsorption at the metal-solution interface, il must also be associat- 
ed with the magnitude of metal overpotential. if the charge of 
a metal is positivo (@ > 0) with respect to Lhe solution, then the 
double-layer sheet on the solution side will consi«i primarily of 
anions. Conversely, if the metal is charged negatively (q < 0), 
predominantly positive ions will be attracled Lo ils surface from 
the solution side. The former case is exemplified by silver in silver 
nitrate solutions, and the latter by zinc in zinc sulphate solutions. 
Indeed, if it is assumed that the ionic activity of cach of these metals 
is equal to unity, then their e potentials will correspond to standard 
values and their ꝙ potentials will be as follows: 


Asp = ag?’ = age? — agen = 0.8 — (—0.4) = 1.2V 
and 
zn? = zn? = ane? — zne m = —0.76 — (—0.5) = —0.26 V 


Suppose that corresponding metals are deposited on these electrodes. 
In the first case (i.c., in the deposition of silver) the discharge of 
positive ionsis facilitated by the attractive forces operating between 
these ions and the anions adsorbed on the cathode in the same way 
as a positively charged grid accelerates the movement of electrons 
in a three-electrode valve. At a small shift of the potential to the 


Ch. 22. Electrodepcsttton of Metals 495 


negalive side the rale of discharge will be considerable. Therefore, 
even at high current densities the overpotential remains low. In the 
second case (i.e., the deposition of zinc) not only is the accelerating 
effect of anions absent, but foreign cations may even exert an inbibit- 
ing effect if they are present in solution together with zinc ions. 
The cause for the appearance of this inhibiting effect can be easily 
understood if one takes into account that at the moment of applica- 
tion of a current metallic ions and foreign cations. e.g.. hydrogen 
ions, are present in the double layer. When the current is switched 
on, the ions of the metal (when its deposition is the principal cathodic 
process) begin to discharge and their concentration in the double layer 
will diminish, while the number of indifferent cations will remain 
constant because they are not discharged. ‘The loss of positive charges 
must be compensated by the supply of new cations tothe double 
layer: these new cations may be either metallic ions or indifferent 
cations. Thus, when the potential is shifted to the negative side 
(i. e., when the negative charge on the metal surface increases), 
the fraction of discharging cations in the double layer will be 
reduced, while the quantity of indifferent cations and the net posi- 
tive charge of the cationic sheet will increase. The supply of metallic 
cations wil! thus be hampered, and a higher overpotential will 
be required for the discharge process Lo occur. When complex anions 
are discharged, which is probably the case with cyanide electrolyles 
in silver- ¿nd zinc-plating processes, the situation is reversed. 
Here the anionic sheet will exert a retarding rather than activating 
effect. 

The exist: nce of such effects is confirmed by experimental facts 
(decrease of :uetal overpotential with increasing surface activity 
of a metal Suit anion; its rise with increasing concentration of hydro- 
gen ions and upon addition of surface-active cations; a sharp increase 
in hydrogen overpotential in going from a positively to a negatively 
charged metal surface, etc.). All normal metals (Hg, Ag, Tl, Pb, Cd). 
which are deposited at a negligibly low overpotential, are charged 
positively with respect to solutions of their simple salts (p > 9), 
and all metals, the deposition of which is accompanied by high 
overpolentia! (metals of the iron group) are charged negalively 
(p < 0). That is why in the electrodeposition of metals it is neces- 
sary to take into account the charge on the electrode surface. even 
though it does not determine all the specific features of these proces- 
ses. For example, the large difference in overpotential in the deposi- 
tion of zinc and nickel, metals that possess approximately equal 
negative surface charges under equilibrium conditions, has not 
yet been accounted for. Similarly. the deposition of copper should 
proceed, judging by the value of its q potential, just as easily 
as the deposition of cadmium or lead, but this does not agree with 
experimental data. 
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32.4.4. OTHER POSSIBLE CAUSES OF METAL 
OVERPOTENTIAL 


Since it is impossible to explain all the kinetic peculiarities of 
the electrodeposition of metals from a single genera! point of view, 
one has to search new ways for interpreting this process and make 
assumptions specifically for describing concrete reactions. For exam- 
ple, there is an opinion that the overpotential in metal deposition 
is associated with the number of electrons participating in the 
elementary discharge act (lHleyrovsky). It is assumed here that one- 
electron reactions proceed practically unhindered. 1n all cases where 
only one electron takes part in the discharge act (or when the process 
may be broken down into a number of successive one-electron steps) 
the overpotential must be low. Conversely. if two electrons parti- 
cipate simultaneously in the discharge of metallic ions. a high 
metal overpotential should be expected. According to these concepts. 
the low overpotential observed in the deposition of thallium and 
silver is associated with the fact that the reduction process requires 
the participation of one electron: 


Th e= TI 
Agt Fe = Ag 


The low metal overpotential characteristic of copper and zine is 
accounted for by the possibility of discharge in two one-electron 
steps: 

Cu?“ 4- e = Cut 


Cut 4- e == Cu 
and 
: Znt 


e 
Zn* 4- e = Zn 


For metals of the iron group the discharge proceeds with the simul- 
taneous addition of two electrons 


Fe?“ -+ 2e == Fe 


this being responsible for the slow rate of this process (the proba- 
bility of simultaneous addition of two electrons is low) and the 
high overpotential. 

It has long been known however that the rate of electrodeposition 
and also of electrodissolution (see Chapter 23) of metals of the iron 
group depends on the solution pII and the presence of impurilies. 
Burshtein. Kabanov and Frumkin (1947) postulated the direct 
participation of hydroxyl ions in the kinelics of these processes. 
In their opinion, OH- ions function as a sort of a catalyst. The 
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mechanism of the cathodic deposition and anodic dissolution of iron, 
cobalt and nickel with the formation of intermediate particles of the 
type FeOH, FeOH* or Fe-FeOH* was discussed later by Heisler. 
Bockris, Fischer and Lorenz, and by many other authors. Several 
schemes have been suggested to explain experimental dala. in 
particular, the pf dependence of the reaction rate, the small slope 
of Tafel line in pure solutions of sulphuric acid. ils increase in the 
case of hydrochloric acid solutions and on addition of surface-aclive 
substances, elc. The Bockris scheme is given below by way of illustra- 
tion. 
Fe?* + OH- = FeOH* 
FeOH* -i- e = FeO 
FeOH -r e = Fe + OH- 


Here the entire process is split up into one chemical and two electro- 
chemical steps, the rate of the overall reaction being delermined 
by the transport of the lirst electron (the second step). 


CHAPTER 23 


Electrochemical Dissolution 
and Passivity of Metals 


Electrochemical dissolution of metals includes two basic groups 
of processes: enforced dissolution on application of a current (or 
anodic dissolution of metals) and spontaneous dissolution as a result 
of chemical interaction with the surrounding medium. The spon- 
taneous dissolution of a metal as well as its anodic dissolution are 
generally called corrosive destruction or corrosion of metals if these 
processes are undesirable. These two groups of processes have 
both common and specific characteristics; often they are found to 
occur simultaneously. 


33.1. ANODIC DISSOLUTION OF METALS 
23.1.1. GENERAL DESCRIPTION OF TILE PROCESS 


Metallic anodes are widely used in the electrochemical industry. 
The following requirements are to be met by anodes depending 
on the process involved. 

1. An anode must dissolve quantitatively with the formation 
of aquo-ions (or complex ions) of only one valency. These require- 
ments must be met in the production of certain electrodeposited 
coatings, for example, in copper-plating, nickel-plating or zinc- 
plating processes. If a copper-plating process is conducted in acidic 
baths. it is necessary that copper be dissolved and pass into solution 
as bivalent ions. The reaction 


Cu = Cut 4- e 


is undesirable here since the accumulation of univalent ions of cop- 
per in excess of Lhe equilibrium concentration leads to the deposi- 
tion of metallic copper in the form of powder in consequence of the 
disproportionation process: 


2Cu* = Cu -+ Cu?* 


In the presence of such powder, which finds its way to the cathode 
surface, rough deposits are produced instead of smooth ones (as requi- 
red for electroplating). 
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2. The dissolution of anodes must be selective, i.c.. one of the 
components of the anode material is to dissolve quantitatively 
(often in the form of definite ions), while the others must not dissolve 
at all. An example is the electrolytic relining of copper. In this 
process copper dissolves as cupric ions, while noble metals remain 
intact and accumulate at the bottom of the bath in the form of so- 
called sludge. 

3. An anode must dissolve to give coherent solid products of tbe 
interaction of its ions with the other ions present in the solution 
or with anodically evolved oxygen. Examples are the anodizing 
of aluminium, the bluing of steel. the charging of the positive pole 
of a lead accumulator, phosphating. 

4. An anode must dissolve with the simultaneous smoothing and 
brightening of the surface (electropolishing). It need not dissolve 
quantitatively in this case and part of the current may be consumed 
for oxygen evolution. 

5. An anode must not dissolve at all. and the only electrode 
process must be the evolution of a gas, most frequently oxygen. 
This requirement must be met in the electrolysis of water. electro- 
winning of zinc, chrome-plating, and also in the electrolysis of 
solutions of alkali metal chlorides. In the latter case, the anode 
must provide. apart from stability, the predominant evolution 
of chlorine, and impede oxygen evolution. 

If, under the influence of an external current. the amount of dis- 
solved inetal is greater than would be expected on the basis of Fara- 
day's laws. it will mean that the anodic dissolution of the metal 
is accompanied by its spontaneous dissolution. i.e.. the metal 
is simuiianeously subjected to corrosion. If the anode. which must 
be stable under the given conditions. in fact dissolves as a result 
of either the application of an external current or the interaction 
with the surrounding medium. this will indicate the simultaneous 
occurrence of anodic dissolution and corrosion. 

Which of these cases of the anodic behaviour of metals will actually 
occur depends on the nature of the metal itself aud on the composi- 
tion of the solution. in particular on its pIT. Current density and 
temperature are also important here. The same metal may behave 
either as a soluble or as a stable anode. depending on the particular 
conditions. 

The probable behaviour of each metal can be estimated by using 
polential-pIl diagrams (Pourbaiz diagrams). They enable one to 
establish the thermodynamically most probable regions of poten- 
tials, pH and conceutrations of metallic ions corresponding to the 
different electrochemical behaviour of a given metal. For example, 
from the potential-pH diagram for zinc (Fig. 23.1) it can be seen 
that in the region of acidic solutions at potentials above the straight 
line J zine dissolves to yield hydrated ions Zneg. When a pH value 


32* 
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of 6.5 is reached, sparingly soluble zinc hydroxide Zn(OH); may 
be formed and the dissolution of zinc is hindered. The hydroxide 
region is limited by straight lines 2. 3, and 4. AL pH = 14 zine 
will again readily pass into solution. this time as anions ZnO%aq), 
which are readily soluble in alkaline solutions and do not impede 
the anodic dissolution of zinc or its corrosion. This region is limited 
by straight lines 4 and 2 and the ordinate axis. Below the broken 
line 7-3-5 is the region of stability of zinc, where its dissolution 


Fig. 23.1. Pourbaix diagram for zinc 


is thermodynamically improbable. The potentia!-p!l diagram in 
Fig. 23.1 refers to the special case where the activity of zinc ions 
in solution is 107? mole/litre. At a different activity ihe disposition 
of the regions will change somewhat. Pourbaix and his colleagues 
plotted potential-pli diagrams for most metals and a number 
of alloys for four activities of metallic ions (1. 102, 107*. and 
1079 mole'litre). 


23.1.2. ANODIC DISSOLUTION OF METALS 
WITH FORMATION OF READILY SOLUBLE COMPOUNDS 


The anodic dissolution of a metal, in which metal passes into 
solution as simple hydrated ions or as complex ions is in many respects 
the reverse of the cathodic deposition of metals. In the case of simple 
hydrated ions. the overall reaction of anodic dissolution may be 
written in the form of the equation 


[M] + zH,O = M*+-zII,0 -+ ze (23.1) 
and for complex ions the overall reaction is 


[M] + zA- + yH;O = MAE ^-yH5O + ze (23.2) 
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In contrast to the cathodic deposition of metals. the anode process 
begins with the destruction of the crystal lattice of a metal and 
ends with the formation of metallic ions in solution. The direction 
of cach individual step is also reversed. For example. the destruc- 
tion of the crystal lattice of a metal replaces its formation. and 
the ionization of metal atoms replaces the discharge of ions. etc. 

Metals are anodically dissolved usually at potentials more positive 
than the correspoding equilibrium potentials, i.e., their dissolution 
is accompanied by anodic polarization. The value of polarization 
can be determined by the equation 


Ae = gei — E (23.3) 


where ag; is the potential of the metal under the conditions of anodic 
dissolution at a current density i. 

Anodic polarization may be ascribed to the slow occurrence of the 
transport, solid-phase destruction or ionization step. In the cathodic 
deposition of metals the slow transport step. i.e.. the insufficient 
initial rate of transport to the electrode of the ions to be discharged, 
shifts the electrode potential in the negalive direction. In the anodic 
dissolution process, the slow rate of the removal step results in the 
accumulation of the formed metallic ions near the electrode and, 
accordingly, displaces its potential to the positive side. 

An analogous situation is also observed when any other step 
is slow. In view of this. at not-too-large deviations from the equili- 
brium síate. a certain symmetry is observed in the cathodic deposi- 
tion and anodic dissolution processes. For example. the anodic 
polarizaiion of mercury. silver, thallium and cadmium is found 
to be close in magnitude to the cathodic polarization of the same 
metals at equal cathodic and anodic current densities. i.e.. at equal 
rates of deposition and dissolution. Likewise. the variation of the 
anodic and cathodic overpotentials with increasing current density 
obeys approximately the same law for these metals. 

A similar analogy is observed in the character of change of the 
melal surface during deposition and dissolution. 

The energy of removal of a single structural unit of the crystal 
lattice depends on the site which it occupies on the crystal surface 
(Fig. 23.2). The most weakly bonded structural units are those 
located at the corners of the crystal. where each of them is surround- 
ed by only three nearest neighbours. The passage of such a structu al 
unit from the crystal lattice into solution is effected easily al so 
because the largest number of water molecules can approach it since 
three of its sides face the solution. For a structural unit to be removed 
from a crystal edge the bond energy of four nearest neighbours 
has Lo be overcome. and from any point on the crystal face. five neigh- 
bours. The possibilities of contact with water molecules and, 
hence, of attractive forces being exerted by them are also more 
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limited in these cases. The anodic dissolution of perfect crystals 
begins therefore from the corners and edges of a crystal and gives 
rise to surface formations similar to two-dimensional nuclei. Just 
as in the case of cathodic deposition of a metal. its anodic dissolu- 
tion is favoured by the presence of defects and disturhances in the 
lattice structure, including dislocations. 

The similarity in the behaviour of normal metals during their 
cathodic deposition and anodic dissolution is also revealed with 
respect Lo effects associated with the composition of the solution. 
The activating effect of surface-active anions and the inhibiting 


Fig. 23.2. Model of a dissolving crystal face showing energetically nonequiva- 
lent positions of a structural unit of the jattice 


effect of foreign cations are also observed in the anodic dissolution 
process. But in this case the effect of anions is stonger and that 
of cations weaker than in the cathodic process. 

For metals such as copper and zinc the symmetry of anodic and 
cathodic processes is manifested in a lesser degree. Their anodic 
dissolution usually proceeds more easily than their cathodic deposi- 
tion. 

A still larger difference is observed in the case of inert metals. 
The anodic polarization in the dissolution of the Fe-group metals 
is appreciably weaker than their cathodic polarization (at the same 
current density). Nevertheless, here too it reaches several tenths 
of a voll and considerably exceeds the anodic polarization associated 
with the dissolution of intermediate and normal metals. The sequence 
of metals arranged according to increasing metal overpotential 
(see Table 22.1. page 481) thus reflects also the order of increasing 
polarization in their anodic dissolution. 

The behaviour of metals during anodic dissolution has nol been 
studied so completely as their cathodic deposition. The experimental 
data obtained so far still indicate the applicability of the basic 
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concepts of the theory of electrochemical overpotential to metals 
of the Fe group. For instance, the kinetics of anodic dissolution 
of iron and nickel are described by Tafel’s formula: 


Na = a, -+ ba logi (23.4) 


which can easily be obtained from Eq. (16.68) if the rate of the 
discharge reaction is ignored compared with the ionization rate. 

Experimental Tafel slopes are not always in agreement with 
the theory of slow discharge. For example. the coefficient b, for 
the dissolution of iron in sulphuric acid solutions is only about 
0.05. 

If iL is assumed that iron is dissolved anodically as ferrous ions 
(the most probable process), then the coefficient c, calculated from 
the equation 


RT 0.06 
ba = 2.303 2 = a 


is found to be equal to unity. This value of à is difficult to explain 
from the standpoint of the slow-discharge theory withoul assuming 
that the detachment of electrons occurs as a two-step consecutive 
process. 

Apart from the transfer of electrons, the overall reaction of anodic 
dissolution of iron and. evidently, of other metals of the Fe group 
includes pure chemical steps involving anions, primarily hydroxyl 
ions, which catalytically accelerate the anodic process. The dissolu- 
tion of iron in concentrated sulphuric acid solutions may be described. 
for example, by the following scheme: 


Fe -+ OH- = FeOH,, as + e 
FeOH,,. = FeO Hag. a e 
FeOHz,. + nll;O = Fe-nH,O?** + OH- 


where the second step determines the rate of the overal. process. 

There are a large number of experimental data which indicate 
that the anodic dissolution of other metals also involves OH- ions. 
though the chemical polarization in the anodic dissolution of normal 
metals is probably determined mainly by the destruction of the 
crystal lattice. 

The kinetics of anodic dissolution of metals must depend not 
only on the concentration of hydroxyl ions but on the anionic com- 
position of the solution in general. It was usually assumed that 
other anions are capable. in a greater or lesser degree, of displacing 
OH- ions from the surface of the metal being dissolved and thus 
reducing their catalytic effect. This point of view is borne out, 
for example, by the fact that the rate of iron dissolution decreases 
in going from sulphate to chloride solutions with the same pH value. 
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The surface activity of Cl- ions is higher than that of SO?2- or 
HSO; ions and CI- ions displace a larger number of OH- ions, 
i.e., reduce more noticeably their catalytic effect on the dissolution 
process. However, it was shown by Kololyrkin and coworkers that, 
in a more general case. any anions, like OI- ions, are capable of 
catalyzing the anodic dissolution of metals. The net effect is there- 
fore determined by the particular conditions of dissolution. In the 
region of small pII values, where the concentration of hydroxyl 
ions is low and the coverage of the surface of the metal being dis- 
solved with these ions is insignificant, other anions, say. sulphuric 
acid anions, may be adsorbed on free sites of the surface without 
reducing the surface concentration of hydroxyl ions. Under these 
conditions the rate of dissolution must increase with increasing 
total concentration of anions. At high pH values when the concentra- 
tion of OIT- ions and the surface coverage are high, the effect of displa- 
cement of hydroxyl ions by other anions becomes predominant and 
the dissolution rate may decrease with increasing total concentration 
of anions. 


23.2. THE PASSIVITY OF METALS 


23.24. GENERAL CHARACTERISTICS OF THE PASSIVE 
STATE OF METALS 


A metal dissolving under the influence of anodic polarization 
may lose this ability if the conditions are changed and thus become 
an insoluble anode. This transformation of a soluble anode to an 
insoluble one is a special case of the passivation (or passivity) of 
metals. The phenomenon of metal passivation was discovered by 
Lomonosov and described in “Dissertation on the action of chemical 
solvents in general” (1738). Lomonosov noted that iron acted upon 
by a concentrated solution of nitric acid ceased to dissolve. ver 
since the passivity of metals is understood to mean their ability 
to assume such a stale in which they no longer participate in proces- 
ses which are ordinarily typical of and thermodynamically possible 
for them. 

The passivation of a metal is achieved not only through the action 
of corresponding oxidizing agents (an example being the passivation 
of iron by a concentrated solution of nitric acid). Metals can be 
passivated by other methods as well, for example, by anodic pola- 
rization. This phenomenon is most readily detected on potentiostatic 
curves of anode potential versus current density. One typical poten- 
tioslalic curve is given in Fig. 23.3. In the region of potentials not 
too distant from the equilibrium or stationary potential of a metal 
under given conditions, the rate of dissolution ofthe metal with 
the formation of its ions is found to increase as the potential is 
shifted in the positive direction. This region of potentials corre- 
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sponds Lo the active state of the metal, where it behaves as a soluble 
anode. When a certain value of potential (more positive than the 
initial value) is reached, the current density falls abruptly, which 
indicates that the dissolution process has suddenly become sluggish. 
In a rather wide range of potentials the current density and. hence, 
the rate of dissolution are almost constant and very low. This region 
of potentials corresponds to the passive state. The portion of the 
potentiostatic polarization curve connecting the active-state region 


log ? 


Fig. 23.3. Anodic potentioslatic curve for a metal capable of passivation 


and the passivity region represents the transient or prepassivating 
state. As the potential becomes still more positive, the current 
density may rise again and the dissolution proceed at a faster rate. 
This region of potentials represents the transpassivity condition. 
It is usually characlerized by the dissolution of a metal with the 
formation of ions of higher valency than in the case of its dissolution 
in the active state. Thus. as the potential is shifted to more positive 
values. the metal passes successively from the active state (hrough 
the transient (prepassivaling), and passive states to transpassivily. 
By shifting the potential from positive hack to negative values one 
can make the metal pass through the same states in reverse order. 
The points of transition from one state to another are the most 
important data for the description of a potentiostatic curve. The 
potential e, at which the metal begins to change from the active 
to the passive slate is called the passivation potential. At a potential 
fac the metal is already passive. But when this potential is shifted 
to the negative side even by a small amount, the passive metal 
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becomes depassivated or activated. The potential eg. is usually 
called the activation potential or the Flade potential (Flade was 
the first to describe it); the last term is also often used to describe 
the passivation potential e,. The next characteristic potential is 
the quantity ejp—the depassivation potential at which the metal 
passes from the passive state to transpassivity. Each of the regions 
of the potentiostatic curve lying between critical points is characte- 
rized by its own law of variation of the dissolution rate (the anodic 
current density) with potential. In the active-state region the shift 
of the potential to the positive side increases the rate of dissolution, 
i.e., the slope of the curve di/de is greater than zero. When the prepas- 
sivating condition sels in, the rate of dissolution diminishes with 
increasing positive value of potential, and the slope di/de is negative. 
When the metal is insoluble (passive), the rate of dissolution is prac- 
tically independent of the potential, and the slope di/de may be 
taken equal to zero. In the transpassivity state, just as in the active 
state, the dissolution rate increases with potential, but the slope 
is different in absolute value. It should be noted that the iranspassi- 
vity region, i.e., the passage of the metal back to the active state 
and the increase of its rate of dissolution, is not always observed 
at sufficiently high positive potential. Nonetheless, in this case 
too, the current density is observed to rise after a certain poten- 
tial value is reached. However, here it does not mean the resump- 
tion of the active state, but rather the beginning of oxygen evolu- 
tion. There are also cases where transpassivily is followed by 
a second passivity region, which may then be replaced by a new 
rise of current density associated with the dissolution of the metal 
(this time, with the formation of other ions) or with oxygen evolu- 
tion. 

The detailed demarcation of the regions corresponding to different 
Stales of a metal became possible owing to the use of the potentio- 
static method of tracing polarization curves. When the galvano- 
static method was used, many features of the anodic behaviour of 
metals escaped observation. Only abrupt changes of the potential 
could be detected, which, in the forward (from low to high current 
densities) and reverse (from high to low current densities) tracing 
of polarization curves, occurred at different current densities, indi- 
cating the existence of certain hysteresis phenomena (shown in 
Fig. 23.3 by dash-and-dot lines with arrowheads). However, long 
before the potentiostatic method was developed, Kistyakovsky 
(1910) proposed, on the basis of indirect data, a scheme of possible 
states of a metal, which largely coincides with that accepted at 
present. 

The basic regularities of the passage of metals to different states 
were sludiedjand described almost simultaneously by many authors. 
Mention should be made of the work by Akimov, Batrakov, Toma- 
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shov, Kolotyrkin, Prazek, Bonhoeffer, Franck, Stern, Edelanu. 
Okamoto, and other scientists. The transpassivity of metals was 
first treated in detail by Batrakov (1953) and Tomashov (1954). 
Based on the earlier observations by Akimov and Batrakov, Kolo- 
tyrkin for the first time traced a full potentiostatic curve and proved 
experimentally that all state transitions of the metal (Fig. 23.3) 
can be elfected either by its polarization or by introducing into the 
solution various oxidizing agents capable of providing the corre- 
sponding potentials. The peculiarities of the behaviour of metals 
under the conditions of their anodic polarization appear thus to be 
intimately connected with the phenomena of passivity and traus- 
passivity. 


23.2.2. THE FILM AND ADSORPTION THEORIES 
OF PASSIVITY 


Data obtained so far only partly characterize the active, passive 
and transpassive stales and determine the conditions where each 
of these states can be altained. They yield no information concern- 
ing the cause of the passage of a metal from the active to the passive 
state and from the passive to the transpassive state. Two theories 
have been suggested to account for the phenomenon of passivity— 
the film theory and the adsorption theory. In the film theory 
(Kistyahovsky), which owes its origin to Faraday, it is assumed 
that the passivation of a metal is caused by the formation of a thin, 
usually oxide, film on the surface of the metal, which ceases to 
interact wilh the surrounding medium and is thus protected from 
dissolving. This oxide film has a thickness of several molecular layers 
and it may be regarded as a phase oxide. The more perfect the 
structure of the oxide film and the less the number of cracks and 
defects, the more complete is the passivation and the lower the 
rate of metal dissolution. The validity of the film theory is proved, 
for example, by the fact that for many metals, e.g. copper. lead, 
silver and platinum, the passivation (€p) and activation (€4¢) poten- 
tials lie on either side of the reversible potentials of the corre- 
sponding metal-oxide electrodes. Likewise, the form of the depen- 
dence of passivation potential on the solution acidity often (for 
the above metals as well) corresponds to the pH variation of the 
potential of a metal electrode of the second kind: 


£p = ep — 0.06 pH 


There are many cases, however, where the value of passivation 
potential cannot be related to the formation of any one of the known 
oxides of a metal. For example. for iron the passivation potential 
€p = +0.58 V, whereas the most positive of all the possible poten- 
tials of iron-oxide electrodes corresponding to the system Fe, FeO, 
Fe.O, is only 0.22 V. Since the iron electrode is here the anode, 
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this difference, one would think, is due to a high anodic polarization. 
But this explanation is invalid because the activation potential 
of iron, esc, is also close Lo +0.58 V, though in this case the iron 
electrode is polarized cathodically. In this connection il was assumed 
that, in spite of he fact that iron dissolves predominantly as biva. 
lent ions, an oxide film may be formed with the participation of 
iron ions of a valency higher than 3. This is possible provided that 
iron is gradually oxidized by an excess of oxygen in the surface 
layer. Therefore, apart from the oxides FeO and FesO,, this oxide 
layer may also contain higher oxides, say FeO2, which are characte- 
rized by more positive potentials. The passivation of nickel, for 
example, is explained analogously. 

The existence of surface films of a phase nature has been proved 
experimentally by Kistyakovsky, Izgaryshev, Akimov and their 
colleagues. Evans (1930), who used specially selected solutions 
attacking only the metal and not the oxide film on its surface, 
succeeded in separating the film by carefully dissolving the underly- 
ing metal. Naturally, the continuity of the film had to be disturbed 
to a certain extent because otherwise the metal could not be dis- 
solved. The data of electron-diffraction and optical investigations 
also confirm the existence of a film on the surface of a passive metal 
and, in a number of cases, permit one to identify iis composition 
and structure. 

According to the film theory, transpassivity is ascribed to the 
change of the composition and structure of a surface oxide due Lo the 
formation of higher-valency ions, which disturbs the continuity of the 
film. The protective action of the film is thus reduced and the metal 
can dissolve again, this time at more positive potentials and usually 
in the form of higher-valency ions. In the film theory, according 
to which passivity is caused by a surface oxide layer, much atten- 
tion is paid to the formation and growth of this oxide layer. The 
main factors controlling this process are the potential! of the metal 
and also the concentrations of metallic and hydroxyl ions. The 
potential of the metal must be sufficiently positive to provide the 
stability of the given oxide. The concentrations of metallic and 
hydroxyl ions must be sufficiently high for the corresponding prin- 
cipal salts or hydroxides to be formed. These compounds are then 
transformed to produce passivaling oxides. Passivily will set in the 
more easily, the higher the electrode polarization in anodic metal 
dissolution and the lower the rate of removal of metallic ions from 
the electrode suríace. 

According to the adsorption theory, passivily is nol necessarily 
connected with the formation of a polymolecular oxide film. It can 
be achieved through the retardation of the metal-dissolution reaction 
caused by adsorbed oxygen atoms. Oxygen atoms may appear on the 
metal surface from the discharge of hydroxyl ions (or water molecules) 
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at potentials lower than those al which oxygen is evolved or oxides 
are formed. The adsorbed oxygen atoms passivate the metal either 
by forming a continuous monomolecular layer on its surface or 
by blocking the most active centres, or else by changing the eflective 
potential difference across the metal-solution interface. The sugges- 
tion thal a continuous monomolecular layer of oxygen atoms is 
responsible for the passivation of a metal offers nothing radically 
new compared with the film theory, the more so that such a layer 
is scarcely distinguishable from a surface oxide. As regards the 
amount of oxygen, a monomolecular layer of ils closely packed 
adsorbed atoms or molecules is equivalent to 2-4 molecular layers 
consisting of a surface oxide. 

Of much greater interest is the possibility of passivation by 
blocking active centres on the surface of a dissolving metal or by 
retarding the dissolution process electrochemically. The surface 
of a dissolving metal being energetically nonuniform, the passage 
of its ions into solution from the various parts proceedsal different 
rales. If a certain number of oxygen atoms or molecules (too small 
to cover the entire surface) are adsorbed on sites where the metal 
is dissolved most easily, this will result in an abrupt fall in the 
overall rate of dissolution, entirely oul of proportion with the 
surface covered with oxygen. This decrease of dissolution will 
increase polarization, i.c., will shift the anode potential to the 
Positive side. This shift of potential will favour further oxygen 
adsorplion and the attainment of the passive state. The next equal 
amount of oxygen will further decrease dissolution, though not 
so markelly as previously since this time less active centres are blo- 
cked, etc. If the difference in energy between the various parts 
of the surface is considerable, this mechanism of seleclive adsorp- 
tion will decrease dissolution down to the value usually observed 
in the passivity region. 

Still more effective is the adsorption-electrochemical mechanism 
of passivation (Ershler, Kabanov, Kolotyrkin, and others). The 
validity of this mechanism is confirmed. for example, by data 
on the dissolution of platinum. The rate of its dissolution in hydro- 
chloric acid at a constant potential is exponentially dependent 
on the surface concentration of oxygen. 

To provide a four-fold decrease of dissolution it is sufficient 
to deposit an amount of oxygen capable of covering about 4 per 
cent of the electrode’s visible surface. The next equivalent amount 
of oxygen will lower the rate of dissolution by the same factor 
i.e., the initial value will be reduced 16-fold; still another portion 
of oxygen will bring the figure down to 1/64th of the initial rate 
of dissolution, and so on until the dissolution of platinum stops 
This exponential dependence is explained by Ershler as being due 
to the displacement from the double layer of an equivalent number 
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of anions by adsorbed oxygen atoms (which play the role of the 
negalive end of the metal-oxygen dipole). The decrease in the number 
of anions in the double layer will accordingly lower Lhe ionic poten- 
tial difference, the total metal-solution potential difference remain- 
ing unchanged. According to the laws of electrochemical kinetics 
this must result in an exponential decrease of the rate of ionization, 
i.e., the rate of metal dissolution will drop down to the value obser- 
ved experimentally. 

The retardation of the dissolution process by the adsorption 
mechanism must be of special importance at the stage of transition 
from the active Lo the passive state. 

Irrespective of which of these theories is considered more valid, 
the occurrence of passivation and the passive stale proper must 
be related to the decrease of the rate of metal dissolution. Jt has 
therefore been suggested that passivity be defined as the state of 
the increased stability of a metal or alloy resulting from tlie hindered 
anodic process (Tomashov). 


CHAPTER 24 
Electrochemical Corrosion of Metals 


24.1. GENERAL DESCRIPTION OF CORROSION 
PROCESSES 


Corrosion of metals is defined as the spontaneous destruction 
of metals in the course of their chemical. electrochemical or bioche- 
mical interaction with the environment. Corrosion is an undesirable 
and undeliberate process. The electrochemical dissolution of blister- 
copper anodes in copper-refining baths cannot be regarded as n 
corrosion process since it is a necessary and desirable link in the 
purification of copper. AL the same time the electrochemical dis- 
solution of an iron anode in a water-electrolysis bath should be 
included in the category of corrosion processes since it is undesirable 
in this case. The erosion of the walls of iron tanks in which sulphuric 
acid is transported is considered corrosive destruction, Whereas 
the dissolution of iron in sulphuric acid for the purpose of producing 
pure reactive iron sulphate is not regarded as corrosion. though 
both processes are based on the same phenomena. doni * 
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wastage of Lime and materials, etc. ‘The associated expenses are 
much higher than the cost of replacement material. For example, 
the relatively low cost of an underground lead cable length destroyed 
by corrosion stands no comparison with the expenses on the work 
required to locate the damage, remove the ground and repair the 
cable. 


24.2. CLASSIFICATION OF CORROSION 
PROCESSES 


A distinction is made between chemical, biochemical and electro- 
chemical corrosion of metals. 

Chemical corrosion of metals is spontaneous destruction governed 
by the laws of ordinary heterogeneous chemical reactions. "The 
destruction of metals attacked at high temperatures by aggressive 
gases which prevent condensation of moisture on tle metal surface, 
and also. evidently, the dissolution of metals in contact with non 
conducting organic media belong to the category of chemical cor 
rosion processes. 

Diochemical corrosion, or biocorrosion, is caused by the vital 
activity of various microorganisms using a metal as a culture medium 
or evolving products which attack the metal. Biochemical corrosion 
usually accompanies other types of corrosion. Soils of definite compo- 
sition, stagnant waters and certain organic products greatly favour 
the progress of biochemical corrosion. 

Electrochemical corrosion is encountered more frequently than 
other types of corrosive destruction and is most dangerous to metals. 
It may occur in a gas atmosphere, when moisture condenses on the 
metal surface (atmospheric corrosion). in soils (soil corrosion) and 
in solutions (liquid corrosion). Electrochemical corrosion is governed 
by the kinetics of electrochemical reactions. Its rate can be deter- 
mined on the basis of Faraday's law. 

A special case of electrochemical corrosion is eleclrocorrosion, 
i.e., corrosion caused by an external electric current. Apart from 
the destruction of insoluble anodes, electrocorrosion includes the 
corrosion of pipelines with current-conducting liquids flowing 
through them and also the dissolution of the walls of electrolytic 
baths and underground metal structures under the influence of a 
direct current from bare electric lines (stray-current corrosion). 
The stray currents may set up a potential difference between two 
portions of a metal structure, one receiving current from some external 
source of electrical energy (cathodic area) and the other acting 
as the anode (anodic area), from which the current flows into the 
surrounding ionically conducting medium, the anodic portion being 
destroyed. 

According to the mode of destruction accompanying electroche- 
mical corrosion, a distinction is made between general corrosion, 
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affecting the entire surface of a metal, and local corrosion, confined 
to definite parts of the metal surface. [n the latter case corrosion 
may result in stains (stain corrosion) or pits (pitting). This cor- 
rosion may involve grains of a single component of a metal alloy 
(selective corrosion), penetrate all grains, thereby forming narrow 
cracks (transcryslalline corrosion) or, finally, concentrate along 
grain boundaries (intergranular or intercrystalline corrosion). The 
rate and nature of electrochemical corrosion are largely determined 
by the nature of the metal and its environment. According Lo the 
rate of corrosion in a particular medium metals are classified as 
stable and unstable. Based on the rate with which a given medium 
corrodes the metal, it is defined either as aggressive or nonaggressive. 
Various conventional scales have been suggested 1o estimate the 
corrosion resistance of metals and the aggressiveness of media. 
The rate of corrosion is expressed in several ways. The weight and 
currenL indices are used most frequently. The first shows the weight 
loss (in grams or kilograms) per unit time (second, hour, day. year) 
referred to a unit area (square centimetre, square metre) of a test 
specimen. In the second case the corrosion rate is given in terms 
of current intensity (in amperes or milliamperes) per unit surface 
area of the specimen, 


24.3. CONDITIONS FOR THE OCCURRENCE 
OF A CORROSION PROCESS 


The corrosion of metals is a special case of nonequilibrium elec- 
trode processes; at the same time it has its own specific features 
distinguishing it from other irreversible electrode processes. The 
application of an external current is not a necessary precondition 
for a corrosion process and nevertheless the dissolution of a metal 
under corrosion conditions proceeds at rales comparable to those 
observed in the dissolution of metallic anodes in industrial electro- 
lyzers. For example, in zinc-plating processes the anodic current 
density ranges from 50 to 500 A/m?, depending on the composition 
of the electrolyte used. and the rate of corrosion of technical zine 
in 1.V ISO, is equivalent to a current density of 100 A/m*.. i.e., 
is of the same order of magnitude. The factors responsible for such 
high rates of metal dissolution in the absence of an external anodic 
current. are hidden in the specificity of the corrosion process. 

Suppose that a piece of a metal M is brought into contact with 
an aqueons solution of its salt MA; after some time a potential 
will be set up at the metal-solution interface, which will then 
remain practically unchanged. This constant (or almost constant) 
value corresponds either to an equilibrium between the metal and 
the solution or to steady-state conditions of an electrode process. 
Which of these cases is actually realized is determined primarily 
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by the magnitude of the electrode potential. If the thermodynamic 
electrode potential of the metal has a value at which, under the 
given conditions, all processes. other than the exchange of metallic 
ions between the metal and the solution, are excluded, the final 
value of the potential will correspond to its equilibrium value under 
the given conditions. Under equilibrium conditions the rate of ion 
transfer in two opposite directions will be the same and equal to 
the exchange current: 


Ty = Ts = 1% 


and the potential altained will correspond to the thermodynamic 
value. An example of such a system is silver immersed in a solu- 
tion of silver nitrate. 

The situation is changed substantially if the thermodynamic 
electrode potential of the metal has a value at which. apart from 
the ionization and the discharge of metallic ions, at least one addi- 
tional electrode process is possible. In this case, charges are transfer- 
red across the metal-solution interface by two species of particles 
instead of one. The constant potential does not necessarily imply 
here the attainment of the equilibrium state. It only indicates 
that the total number of charges crossing the interface in one direc- 
tion is equal to the total number of charges crossing it in the opposite 
direction, i.e., that 


i-i (24.1) 
If it is assumed that the additional electrode process ix the evolution 


and ionization of hydrogen, so-called corrosion with hydrogen depo- 
larization, then one can write in place of Eq. (24.1): 


-> - — 


im ＋ dg = ix ＋ in (24.2) 
where M refers to a metal and H to hydrogen. If the rates of all 
partial processes are comparable and none of these rales can be 
ignored in Eq. (24.2), the sleady-state mixed potential will cor- 
respond neither to the potential of a melal electrode of the first 
kind (or a metal electrode of the second kind, if the metal ix covered 
with a layer of its sparingly soluble compound) nor to the hydrogen 
electrode potential. [t will be a certain mixed potential dependent 
on the ratio of the rates of all the partial reactions (Fig. 24.1). It 
may happen, however, that the potential of a given electrode does 
not differ markedly from either the hydrogen electrode potential 
or the potential of a corresponding metal electrode. Indeed. though 
the partial currents in Eq. (24.2) do not correspond to the exchange 
currents under equilibrium conditions, they must still vary together 
with exchange currents. Therefore. if the exchange current of the 
metal, igt, is much higher than that of hydrogen, i}, it may be 
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assumed, to a certain approximation, thal 
im > ig 
and 
in > in 
Then, in place of Eq. (24.2) one can write 


oy) dese 
im & M 
Hence, the behaviour of a corroding electrode corresponds to that 


of a reversible metal electrode. and the sleady-slate mixed poten- 
tial is close to the equilibrium potential of a corresponding metal 
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Fig. 24.1. Scheme for the mixed Fig. 24.2. Scheme for the mixed (or 


(or stationary) corrosion potential stationary) corrosion potential teor being 
ec, being attained at comparable attained when the exchange current for 
tales of the anodic and catho- a metal is higher than that for hydrogen: 
2 ; > - ent 
dic reactions: iy + ig M ig i . d iy = iy feor = MEr 
Ecor er: cor HEr 


electrode (Fig. 24.2) and must vary with the concentration of metal- 
lic ions according to Nernst’s formula. The variation of the solution 
pH does not here affect markedly the stalionary potential. Thus, 
the stationary corrosion potential Ecor is reduced here to the rever- 
sible potential of the metal, mer, i.e., 


£cor & Her 
Examples of such systems are the decomposition of amalgams and 
the electrochemical dissolution of zinc. 


Conversely, if the exchange current of hydrogen is much higher 
than that of the metal, then 
in € in 
33e 
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and 

im < in 
and, to a certain approximation, 
iy in 
In this case the mixed potential is close to the hydrogen electrode 
potential under the given conditions (Fig. 24.3). Its value varies 
regularly with pH of the solution and is almost independent of the 
concentration of metallic ions. Thus, 
here the stationary potential is redu- 
ced to the hydrogen electrode poten- 
tial, i.e., 


Ecor lle, 


The corrosion of iron in weakly acidic 
solutions is an example. 

The necessary condition for ele- 
clrochemical corrosion is the simul- 
taneous occurrence, on the surface 
of a corroding metal, of ionization 
and discharge of its ions and any other 

2 electrode reaction proceeding predo- 
: m minanlly in the cathodic direction. 
eee quota he mixed In aqueous media containing no oxi- 
al ecor being attained when the dants other than hydrogen ions and 
exchange current for a metalis dissolved oxygen. this condition is 
lower than that for hydrogen: met only if the equilibrium potential 
8, > ddp in in: eco ne, of the metal is more negative than 

the equilibrium potential of the 
hydrogen or oxygen electrode in a solution of a given compo- 
sition. The introduction into the solution of other oxidants with 
a more positive equilibrium potential increases the number of 
corrodible metals). For example, silver, which is stable in aqueous 
solutions of nonreducible acids, corrodes on addition of an oxidant 
with;a potential more positive than the equilibrium potential 
of a silver electrode. 


24.4. THE KINETIC THEORY OF CORROSION 
AND ITS APPLICATION TO PURE METALS 


The possibility of the dissolution of a metal indicates that under 
given conditions the rale of ionization is higher than the rate of 


1) Though the presence of a stronger oxidant in the solution increases the 
thermodynamic probability of corrosion, it does not necessarily increase its 


rate. 


un 
- 
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discharge of its ions 
ix < in 


In the absence of externally applied current and with the potential 
remaining unchanged this ratio of the rates is possible if the rate 
of discharge of hydrogen ions exceeds the rate of the reverse process 
by the same amount, i.e., 


8 

in >H 
The corrosion rate ieo, may be represented as the difference between 
the rate of ionization and the rate of discharge of metallic ions 


ieor = ix — ix (24.3) 


Since Eq. (24.2) is valid for the corrosion process, one can also 
write in place of (24.3) 


> — 


licor = tn — in (24.4) 


and define the corrosion rate as the difference between the rate 
of discharge of hydrogen ions and that of ionization of hydrogen 
molecules. This permits calculating the rate of corrosive destruction 
of a metal from data on the kinetics of the evolution and ionization 
of hydrogen in corrosive conditions. 

The application of these principles to the calculation of the rate 
of self-dissolution of metals may be illustrated by the corrosion 
of zinc and iron in a solution of pH = 0 and unil activities of the 
corresponding metallic ions. Under the conditions chosen the poten- 
tial of zine (assuming that only the exchange of its ions between 
metal and solution is taking place) must correspond to its standard 
potential. i.e., —0.76V. AL this potential, however, the exchange 
of zinc ions is not the only possible process. The value of this poten- 
tial is considerably more negative than the potential of the equili- 
brium hydrogen electrode, which is +0.0V in a solution of pH = 0. 
Therefore in this case the evolution of hydrogen is also possible, 
proceeding at a rate determined by the kinetics of this reaction 
on a zinc electrode. 

The steady-state value of the potential will be intermediate 
between the zinc potential and the hydrogen potential, i. e., it 
must lie somewhere between zero and —0.76V on the hydrogen 
scale. Its actual position between these two values depends on the 
exchange currents of the competing reactions. The exchange current 
on zinc is about 10-5 A/cm?, and that on a zinc electrode, about 
10-1 A/em?. From this ratio of exchange currents it follows that 
the stationary potential of the zinc electrode under the conditions 
in question may be reduced to ils equilibrium potential. i.e.. it must 
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nol differ markedly from —0.76V. At the same time the steady-state 
potential is shifted far to the negative side from the potential of 
the reversible hydrogen electrode. It will correspond to the hydrogen 
overpotential. which is close to —0.76V, since 


"n = e; — ne, = —0.76 — 0.00 = —0.76V 


At this deviation from equilibrium the rate of hydrogen ionization 
may be ignored, in which case qs. (24.3) and (24.4) may be rewritten 
in the form 


ieor = dy — im = dg (24.5) 


Knowing the stationary potential and the corresponding hydrogen 
overpotential, one can easily calculate the rate of hydrogen evolu- 


tion in and, hence, the metal corrosion rate isor. In the case under 
consideration both the stationary potential of zinc, zatcor, and 
the hydrogen overpotential zunn are equal to —0.76V. Substituting 
into Tafel's formula 

yoa- blogi 


the values of a and b (see Table 19.1. page 415) for hydrogen evolu- 
tion al zine from acidic solutions (at plI = 0) and the value of 
hydrogen overpotential al the stationary corrosion nolential, one 
has 


—0.76 = —1.24 — 0.12 log iq 
whence 
= L1.24-0.76 
in~ 10 9:12. = 107A cm? 


Thus. the rate of corrosion of pure zinc under the chosen condi- 
tion is 107? A/cm? or 1 A/m?. This value is in good agreement with 
experimental data on the corrosion of pure zinc. At the same time 
it is considerably lower than the rate of corrosion of technical zinc. 

In the case of iron the standard electrode potential is —0.44V. 
"Therefore, as with zinc, one should reckon with hydrogen evolution 
and. hence, the steady-state conditions will be given by Ea. (24.2). 
But. in contrast to zinc, the ratio of exchange currents here is entirely 
different. The exchange current of iron is of the order of 107? A/cm?, 
and for hydrogen on an iron electrode in acid solutions it reaches 
107? A’cm?. It can therefore be expected that the stationary poten- 
tial of iron under the conditions of acidic corrosion must differ 
markedly from its reversible potential; it will be shifted to the side 
of negative values, i.e., in the direction of the equilibrium poten- 
tial of the hydrogen electrode. This conclusion agrees with expe- 
rimental evidence and is additionally confirmed by the fact that iron 
behaves like a hydrogen electrode within certain ranges of pH values. 
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The rate of iron corrosion can also be calculated provided its station- 
ary polential and the overpotential at which hydrogen is evolved 
on it are known. 

The phenomena of electrochemical corrosion were lirst kinelically 
interpreted by Frumkin (1932), who noted that the decomposition 
of alkali-metal amalgams obeys the laws of electrochemical kinetics. 
This idea was treated quantitatively by Wagner and Traud (1938). 
who succeeded in obtaining good agreement between theory and 
experimental data on the rates of decomposition of zinc amalgams. 
Similar views were expressed by Shultin. Durdin, and a number 
of other authors. The usefulness of the laws of electrode kinetics 
for quantitative description of the corrosion of solid metals was 
proved by Kolotyrkin and also by Scorcelletti. Grin, and others. 
The works of these scientists have exerled a considerable influence 
on the formulation of modern concepts of corrosion processes and 
contributed to the establishment of a link between electrochemical 
science and the theory of metal corrosion. The kinetic theory of 
corrosion is often called incorrectly the "homogeneous-electrochemi- 
cal theory" or "homogeneous-electrochemical mechanism" of cor- 
rosion. The term "homogeneous? should nol be applied to the corro- 
sion process, which always lakes place at the interface between two 
phases at least and is therefore a typical heterogeneous process by 
its nature. It would be more correct to call it the kinetic theory. 


24.5. CORROSION OF TECHNICAL METALS 


All the considerations expressed above concerning the corrosion 
process and the calculations based on them referred to the electro- 
chemic::| dissolution of a pure metal wilh a surface completely 
homogeneous in its properties. In practical situations, it is technical 
metals that are usually subject to corrosion, i.e., metals containing 
impurities of other metals and nonmetallic substances. Inclusions 
of foreign metals can always be detected on the surface of these 
metals. Besides, the surface of technical metals is usually covered 
with products of their interaction with the environment, various 
contaminations, etc. Naturally, the heterogeneity of a metal surface 
and. primarily, the presence on it of foreign metals having different 
electrochemical properties must affect the rate of corrosion and its 
mode ol occurrence. Technical zinc. for example. usually contains 
lead. silver, and iron impurities. As follows from the values of stan- 
dard potentials, all these metals are more electropositive than zinc. 
[t may therefore be supposed that zinc alone is undergoing corrosion, 
while the impurities remain intact. This assumption agrees with 
experimental data. Suppose that in each of these cases an impurity 
metal is present in such an amount that il occupies | per cent of 
the entire surface of a zinc specimen in contact with an acid solution. 
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If the conditions are the same as in the case of pure zine (pll = 9 
and azn? = 1), the corrosion of zinc must involve hydrogen depo- 
larization and its rate is determined by the kineties of hydrogen 
evolution on the corroding metal. In contrast to ultrapure zinc, 
in this case hydrogen can be discharged not only on zinc but also 
on an impurity metal. The overall rate of hydrogen evolution and, 
hence, the overall rate of zinc dissolution are therefore determined 
by the kinetics of hydrogen evolution at the principal metal and 
at impurity inclusions. Using the data of Table 19.1 and substituting 
them into Tafel's formula, we can write the following equations 
for the overpotentials at which hydrogen is evolved at the principal 
metal!) and at its impurity inclusions: 


zn = —1.24 — 0.12 log anti (24.6) 

PbüH = —1.56 — 0.12 log py!u (24.7) 

agin = —0.95 — 0.12 log agin (24.8) 
and 

renn = —0.70 — 0.12 log rein (24.9) 


where miy is the rate of hydrogen evolution on a given metal at 
the overpotential ymn; for ultrapure zinc it is denoted by znin- 
Hydrogen evolves at this rate on 99 per cent of the surface of the 
metal, namely, on zinc. On the remaining part of (he surface (1 per 
cent) occupied by an impurity the evolution of hydrogen proceeds 
at the rate uin determined by the hydrogen overpotential on 
a given metal. Hence, the overall rate of hydrogen evolution on the 
entire surface of the lechnical metal may be written as 


ieor = in = 0.99 min + 0.04 yin; (24.10) 


Suppose the surface of a technical metal is equipotential under 
corrosion conditions; the quantity xig for any impurity metal 
can then be expressed in terms of the rate of hydrogen evolution 
at zinc, gain. For example, from Eqs. (24.6) and (24.7) it follows 
that in the case of lead inclusions 


pb = ZMH = znr. — lle, 
or 
— 1.24 — 0.12 log zuin = —1.56 — 0.12 log pin 
from which 
Dess x 24 ne 
puras e —10-?.7 (24.11) 


D The values of Tafel constant b for all metals are rounded to 0.42. 
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Substituting the value of pyig into Eq. (24.10) for wig. one obtains 


Lor = ip = 0.99 znin + 0.01 X 4077 znin = 
= (0.99 -+ 0.00002) zig © 0.997, (24.12 


Thus, the presence in zinc of impurities of lead, a metal with the 
higher overpotential, does not increase the rate of corrosion but 
reduces il somewhat. Different ratios result if silver is present 
as an impurity. In this case the rate of hydrogen evolution at one 
and the same value of overpotential is higher on silver than on 
zinc, and the ratio of the rates is 


i 
AGH _ 4025 
zuíu 
Using this ratio, one can easily determine the change of the corro- 
sion rate in going from ultrapure zinc to technical zinc containing 
1 per cent of silver 


ice, = ig = 0.99 znin + 0.01 x 10% znin = 
= (0.99 e 2. 5 zuin ~ 3.52zni8 (24.13) 


Hence, the presence of silver in zinc must increase its rate of corro- 
sion. Under the conditions chosen this rate increases by a factor 
of 3.5. Ihe increase of the rate of dissolution however is not the 
only result of contamination of zinc with silver. The nature of 
corrosion also changes. Indeed, whereas in the previous case all 
hydrogen evolved on the zinc surface. i.c., on the same surface 
where Lhe dissolution (ionization) of zinc Look place, here, as can 
easily be determined with the aid of Eq. (24.13). only 26 per cent 
of hydrogen is evolved on zinc, the remaining 74 per cent being 
evolved on silver. Silver will not dissolve since it has an electroposi- 
live potential; only the cathodic process—hydrogen evolution — 
is possible on it. When containing inclusions of silver, zinc behaves 
as an anode and is the scene of the whole process of dissolution. 
Besides, zinc also plays the role of a cathode. providing the evolu- 
tion of one-fourth of the total amount of discharging hydrogen. 

A still higher increase of the corrosion rate and a more complete 
separalion of the metal surface into the anodic and cathodic parts 
Should be expected when zinc is contaminated with iron. In this 
case 


ie, = dg = 0.99 znin + 0.01 x 10" znin = 
= (0.99 -- 531) znin © 352znin (24.14) 
and the corrosion rate must increase by 350 times). The amount 
1) The actual increase of the corrosion rate will not be so high since iron 


forms with zinc intermetallic compounds on which the overpotential is higher 
than on iron. 


Teor max‘cor 7 


Fig. 24.4. Corrosion diagram (potential-current curve) 


the anodically dissolving zinc, the negative one. On this basis 
the corrosion of a metal with inclusions of other metals is the result 
of the operation of local cells. 00 
This concept of metal corrosion was advanced more than 1 
years ago by de la Rive on the basis of observations of hydrogen 
evolution in the dissolution of zinc in an acid. Later, owing to the 
works of many scientists (Sluginov, Evans, Hoar. Mears, Palmaer, 
Akimov, Tomashov, and others), these views were developed n 
the first electrochemical theory of corrosion, the so-called local 
cell theory of corrosion. . ; 
According to the local-cell theory of corrosion the corrosion rate 
(or the corresponding electric current produced by local vo ne 
couples) depends not only on the electrochemical properties of the 
electrodes of these couples but also on the ohmic resistance of the 
medium in which the corrosion process occurs and which separates 
the anode from the cathode. The relation for the corrosion rate 
can be conveniently expressed with the aid of so-called corrosion 
diagrams (Evans diagrams). Figure 24.4 shows a corrosion diagram 
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where the anode and cathode potentials or the potentials of the 
anodic and cathodic processes are given as a function of the current. 
When there is no corrosion and the current is equal to zero. the 
initial values of the anode and cathode potentials must correspond 
to the reversible potentials of the anodic (,e,) and cathodic fe,) 
reactions under given conditions. The potential difference between 
the anode and cathode potentials gives rise to a current in the system. 
At a current J the anode potential is shifted, due to polarization, 
to more positive, and the cathode potential to more negalive values. 
Let these quantities be equal to ag; and e. respectively. The diffe- 
rence between these potentials with a current flowing is smaller 
than that between the reversible potentials. With increasing current 
the difference between the anode and cathode potentials decreases 
continuously. In the limit it is equal to zero and the surface of the 
corroding metal is equipotential. The current now corresponds to the 
maximum possible rate of corrosion maxleor under the given condi- 
tions and the potential of the metal becomes equal to ger which 
lies between „€, and ,e,. This maximum current can be attained 
provided only that the resistance of the system is either zero or 
negligibly small. But if the ohmic potential drop is not zero. the 
corrosion rate will be equal to /,,,, which is smaller than museo-. 
Under these conditions the ohmic potential drop Ah is numeri- 
cally equal to the length of section ab. During the cortosion process 
the anode potential will be Aej4,, more negative than the cathode 
potentia!. Thus, the corrosion rale is a function of the difference 
between the reversible potentials of the anodic and cathodic reac- 
tions. electrode polarizability and the ohmic resistance of the cor- 
Tosive inedium. The effect of each of these factors on the corrosion 
rate is represented graphically in Fig. 24.5 in the form of simplified 
corrosion diagrams. The corrosion rate decreases if the reversible 
potentials of the anodic and cathodic reactions become close to each 
other at a given resistance and constant polarizability of the electro- 
des (Fig. 24. 5a), i.e., Teor varies along with the quantity (er: — £). 
The corrosion rate decreases with increasing total resistance in the 
system corroding metal/corrosive medium (Fig. 24.5b). It also 
diminishes as the anodic or cathodic polarization increases (Fig. 24.5 c 
and d. respectively). Polarization increases when the anodic and 
cathodic reaclions are additionally hindered or when the anodic 
aud cathodic areas become smaller. When the surface area of a given 
electrode is reduced at a constant current, the current density at this 
electrode increases and so does ils polarization. 

In the local-cell theory it was originally assumed that the cathodic 
and anodic processes are spatially separated and each of these reactions 
proceeds only on a definite part of the corroding metal surface. 
It was concluded on this basis that ideally pure metals with a 
highly homogeneous surface are not subject to corrosion. This conclu- 
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sion however is erroneous both from the thermodynamic and kinetic 
points of view. A necessary precondilion for corrosion is a difference 
between the reversible potential of the metal and the potentials 
of the anodic and cathodic reactions possible under given condi- 
tions and not the spatial separation of cathodic and anodic areas. 
Depending on the extent of homogeneity of the metal-medium 
interface, the anodic and cathodic reactions may proceed on one 
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Fig. 24.5. Corrosion diagrams illustrating the effect of various factors on the 
corrosion rate 


and the same surface or on its different areas. The simultaneous 
occurrence of cathodic and anodic reactions during corrosion is 
typical of pure metals and amalgams; a more or less complete spatial 
separation of these reactions is characteristic of the corrosion of 
technical metals. The low stability of technical metals as compared 
with pure metals and also the change of the mode of corrosion are 
largely associated with the operation of galvanic microcells basis 
metal-inclusion. 

Corrosion diagrams (potential-current curves) constructed on the 
basis of the local-cell theory are convenient for qualitative treatment 
of the corrosion process and for estimation of the possible effects 
of various factors on this process. At the same time the use of these 
diagrams in quantitative calculations of the corrosion rale entails 
considerable difficulties. The corrosion rate is determined by the 
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change in the weight of a metal specimen per unit time referred 
to unit area of its surface or (in electrical units) by the current 
density i,,,. The corrosion diagrams presented in Figs. 24.4 and 
24.5 are plotted in the potential-current coordinates, i.e., they do 
not include the current density, which is a direct characteristic 
of the corrosion rate. Additional data are therefore needed to cal- 
culate the current density. Jt is necessary to know the qualitative 
composition of a corroding metal in order to find out which compo- 
nents of the metal will act as the cathode and which as the anode. 
One has to find out the fraction of the surface represented by each 
cathodic and anodic area in order to determine the current density 
on any of these areas. Further, anodic polarization curves must be 
traced for all the anodic components and cathodic polarization 
curves for all the cathodic components. All this allows one to find 
the overall rate of the cathodic and anodic reactions and to identify 
the most effective anodic and cathodic components. Knowing the 
stationary potentials. one can, by summing up all the cathodic and 
anodic curves. plot a net corrosion diagram and use it to determine 
the maximum possible current. Assuming the ohmic potential drop 
to be small and knowing the proportion between the anodic and 
cathodic areas, one can calculate the rate of corrosion. This compli- 
cated method, which does not always yield unambiguous data 
(because cathodic and anodic reactions may occur simultaneously 
on one and the same surface area) is rarely used for quantitative 
estimation of the corrosion rate. 

The rate of corrosion can be more conveniently determined with 
the aid of the kinetic theory of corrosion. In this case cathodic 
and anodic polarization curves are traced directly on the metal 
whose corrosion is studied. The overall rate of corrosion is expressed 
in terms of the current referred to unit area of the entire metal 
surface without separating it into anodic and cathodic areas. Al 
the stationary potential the corrosion rate expressed in terms of the 
metal-dissolution current referred to the entire surface area (i. e. 
including cathodic areas) must be equal to the rate of the cathodic 
process, e.g. hydrogen evolution. If the cathodic polarization curve 
is traced. the rate of the cathodic reaction will be equal to the cur- 
rent divided by the total surface area of the test specimen, including 
the anodic areas. Thus, if the potential is stationary, the current 
densitics for the anodic and cathodic processes must be equal if 
polarization curves are traced by the method indicated.“ The ohmic 
potential drop is ignored here and hence the surface of the corroding 


1) The actual cathodic and anodic curront donsities may be different if the 
surface of the corroding metal has areas on which either only a cathodic or only 
an anodic reaction may occur. This is nol essential howover when determining 
the overall rate of corrosion. 
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metal is assumed to be equipotential." The form of combined pola- 
rization curves obtained by this method is shown in Fig. 24.6 (solid 
lines). The point of intersection of the anodic and cathodic polari- 
zation curves yields the corrosion rate on the abscissa, and the sta- 
tionary potential on the ordinate. Since near the stationary poten- 
tial the polarization data cease to fall within a semilogarithmic 
plot, the corrosion rate is found from the point of intersection of the: 


ic 
z 


Fig. 24.6. Polarization diagram for corrosion with hydroge:, depolarization. 
The solid lines are combined polarization curves, and the dot-and-dash lines 
are extrapolated curves 


extrapolated straight-line portions of the polarization curves (see 
dashed lines in Fig. 24.6). A comparison of corrosion rates calcu- 
lated on the basis of polarization measurements with those obtained 
directly from the weight loss (or from the volume of hydrogen evolved 
in acid media) for lead. nickel and iron has shown that both rows 
of data coincide within experimental error. That is why the method 
of polarization measurements is widely used in quantilalive studies 
of corrosion processes. 

The stationary corrosion potential e, lies, as a rule. between 
the reversible potentials of the anodic and cathodic processes causing 
corrosion. It is always more positive than the equilibrium potential 
of the anodic reaction and more negative than the potential of the 
cathodic reaction. Therefore, at the corrosion potential the rate 


of ionization iy of a metal is higher than the rate of discharge of 


1) The validity of this assumption for most processes of electrochemical cor- 
rosion follows from the experimental data obtained by Tomashov and Akimov 
together with Golubev and also from the theoretical calculations carried out 
by Frumkin and Levich. 
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A > , DON: 
metallic ions iy, and the rate of discharge of hydrogen ions in 


is higher than the rate of ionization of its molecules ig. These ratios 
persist until the corresponding equilibrium potentials are attained. 
In this case the partial currents for each of the (wo processes will 
become equal to the corresponding exchange currents / and if. 
The continuation of the cathodic and anodic polarization curves 
from the stationary potential to the reversible potentials of the 
electrode reactions is shown in Fig. 24.6 by dol-and-dash lines. 
The rate of corrosion is a function of the exchange current of the 
cathodic and anodic reactions. It rises with increasing exchange 
current (at the same equilibrium potentials). The corrosion rate 
must vary along with the transfer coefficient 4. Thus. corrosion 
diagrams enable one to relate the rale of corrosion to the kinetic 
parameters controlling its basic electrode reactions. This relation 
can also be expressed analytically. At the stationary potential 
the corrosion rale must be equal to the rate of metal dissolution 
and also to Lhe rate of the cathodic reaction (in the case under con- 
sideration. to the rate of the cathodic hydrogen evolution). On this 
basis one can write the following equation 


Gn aa (-A 
; s „f H6 % AT z 
ior= ie V zie PT ym (24.15) 
where m). and am, = cathodic polarization for hydrogen evolution 
and anodic polarization for metal dissolu- 
tion. respectively 
æ and a; = transfer coefficients for hydrogen evolution 
and metal dissolution, respectively 
z = valency of the metal. 
During corrosion the hydrogen overpotential is equal to the difference 
between the corrosion potential and the reversible potential of 
the hydrogen electrode under the given conditions: 
n = Ecor — ner (24.16) 
An analogous equation is valid for the anodic polarization of the 
metal: 
Nat = &cor — Mer (24.17) 


Solving Eqs. (24.15), (24.16) and (24.17) simullaneously yields 
the following expression for the stationary corrosion potential &,,: 


E RT du 41 as 
cor = 2.8037 DF log B. + Gabon ner + ag Mer (24.18) 
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Substituting this value of gcor into Eq. (24.15) leads, after some 
transformations, to the equation 


at ET 
, 2 TLeRE 20 VAT TISSUE 2422 
log icor = log (40 42 (Gh) SE + Sage RT (ue, — mer) 
(24.19) 
In Eqs. (24.18) and (24.19). for simplicity. the subscripts a and 


H in ni and nt are omitted and the quantity (t — gg is denoted 
as Gz. Equations (24.18) and (24.19) are valid if the equilibrium 
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Fig. 24.7. Simplified polarization diagram for corrosion with oxygen depola- 
ization 


potential of the metal me, is more negative than the hydrogen 
equilibrium potential ner. Equations (24.18) and (24.19) permit 
calculating the potential of a metal undergoing corrosion and also 
the rate of corrosive destruction provided only that the exchange 
currents, transfer coefficients and the equilibrium potentials of the 
anodic and cathodic reactions are known. 

The polarization diagram in Fig. 24.6 and also Eqs. (24.18) and 
(24.19) refer to the case where the corrosion rate is delermined by 
purely kinetic limitations, i.e., by activation polarization. This 
corresponds to corrosion with hydrogen depolarization. Another 
important case of electrochemical destruction of metals is their 
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corrosion with oxygen depolarization. Since the solubility of oxygen 
in aqueous media is low and its diffusion coefficient is much smaller 
than (hal of hydrogen ions, the rate of corrosion with oxygen depo- 
larization is usually limited by diffusion. A typical polarization 
diagram for corrosion with oxygen depolarization is presented in 
a simplified form in Fig. 24.7. In this case the corrosion rate is 
equal to the limiting current for diffusion of oxygen to the surface 
of tlic corroding metal: 

ler = ola (24.20) 
'The rate of corrosion with oxygen depolarization is therefore almost 
independent (within certain limits) of the nature of the dissolving 
metal. in particular on its equilibrium polential and the anodic 
polarization. This can easily be seen from corrosion diagrams con- 
structed for three dissimilar metals M, M, and M. (dot-and-dash 
lines in Fig. 24.7). Corrosion with oxygen depolarizalion may be 
accompanied by corrosion due to hydrogen evolution if the equili- 
brium potential of the hydrogen electrode in a given solution is 
more positive than that of the corroding metal (cf. dashed lines 
1, 2, and 3 in Fig. 24.7). The limiting current is determined by the 
solubility of oxygen and by its diffusion coefficient, but it does not 
depend on the nature of the metal on which oxygen is reduced. 
As a result. the rate of corrosion with oxygen depolarization depends 
on the purity of the metal to a lesser extent than the rate of corrosion 
with hydrogen depolarizalion. and it varies more widely with 
the rate of agitation of the solution and the mode of oxygen transport 
to the metal. 


24.6. METHODS OF CORROSION PROTECTION 


Various methods of corrosion protection are used depending on the 
mode of corrosion and the conditions under which it occurs. The 
choice of the method is governed by its effectiveness in each particular 
case and also by economic factors. Any protective method alters the 
course of the corrosion process either by reducing its rate (corrosion 
inhibition) or by suppressing it completely. Polarization (corrosion) 
diagrams, which characterize the corrosion process most comprehen- 
sively, must also reflect changes in corrosion observed under the 
conditions of metal protection. These diagrams can therefore be 
used Lo work out possible ways for preventing metals from corrosion. 
They serve as a basis for ascertaining the specific features of pro- 
leclive methods. In considering existing methods of protection 
we shall use polarization diagrams in a somewhat simplified form 
(Fig. 24.8). On such diagrams, a linear relation between the current 
density and the potential of each partial reaction is postulated. 


34-0362 
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This simplification is justified in qualitative estimation of the 
peculiarities of most of the protective methods. 

The effectiveness of protection is expressed by the inhibition 
coefficient » or the degree of protection Z. The inhibition coefficient 


Fig. 24.8. Simplified polarization diagram for corrosion with hydrogen depo- 
larization 


indicates the total decrease in the corrosion rate achieved by the 
method used: 
icor 


y= (24.21) 


tcor 


where fer and itor are the rates of corrosion before and after pro- 
tection. The degree of protection indicates to what extent the cor- 
rosion is suppressed by the method used: 


Z= icor — icor (24 .22) 
cor 
or 
2 lear — icor 100 per cent (24.23) 


cor 


All methods of corrosion protection are divided into four groups 
1. Electrical methods. 
2. Methods based on changing the properties of a corroding metal. 


3. Methods based on changing the properties of a corrosive medium. 
4. Combination methods. 
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Electrical methods of corrosion protection are based on modifying 
the electrochemical properties of a metal under the influence of 
a polarizing current. The protection of metals against corrosion by 
imposing a cathodic polarization is most widely used. When the 
potential of a metal is moved to more electronegative values (with 
respect to the stationary corrosion potential). the rate of the cathodic 
reaction increases, and that of the anodic reaction falls (see Fig. 24.8). 
At the corrosion potential e the equality 


1% 1 
was fulfilled; at a more negative value e’ this equality holds no 
longer: 
ig S lc 

ie being greater than ia. 

The decrease in the rate of the anodic reaction upon cathodic 
polarizalion is equivalent to the decrease of the corrosion rate. The 
inhibition coefficient at the potential chosen e’ (see Fig. 24.8) will 


be equal to 2: 


Teor fear | leor 9 
m ᷣͤ K ee 
Y teor ta 0.5icor 


and the degree of protection reaches 50 per cent: 
etait iore ier — 0.5i z 
2 ionni y 100 = 100 = I e y 100 — 50 per cent 
leor leor leor 

The external current i,,, required to move the potential to the 
value e’ is the difference between the cathodic and anodic currents: 
4 1 

y line ab). As the external current 
negative values and the corrosion 


lext 


(its value in Fig. 24.8 is expressed b 
rises the potential is moved to more 
rale must fall continuously. When the potential of the corroding 
melal becomes equal to the equilibrium potential of the anodic 
process „,, the rate of corrosion becomes equal to zero (ieor = 
= ig = 0), the inhibition coefficient 10 infinity, and the degree of 
protection to 100 per cent. The current density that has to be pro- 
vided to achieve full cathodic protection is called the protection 


current iy. [ts value in Fig. 24.8 is represented by section cd. The 
of the specific features of a given 


protection current is independent stude of tl larizati 

anodie reaction, in particular, of the magh d se poar ranon 
accompanying this reaction; it is complete y d " ihe 
cathodic polarization curve. For example, in € ent fall nd ^ omes 
to oxygen depolarization the protection (lime cd” 2 25 20. 
"uM to the diffusion limiting Cat dic polarization 15 used to 

he protection of metals by ©? al st 

, underwater metal structu- 
increase the stability of undergrou! ien agressive chemical media 
res and also of structures in contact xs 
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It is economically justified in those cases where the corrosive medium 
possesses a high electrical conductivity and the voltage drop (associat- 
ed with the flow of the protection current) and, hence, the power 
consumption are relatively low. The cathodic polarization of the metal 
to; be protected is achieved either by imposing a current from an 
external source (cathodic protection) or by setting up a macrogalvanic 
couple with a less noble metal (usually. aluminium. manganese, zinc 
or their alloys). This auxiliary metal acts as the anode and dissolves 
at a rate sufficient to produce the required current in the system. 
An auxiliary metal which is made to dissolve (corrode) in place 
of the metal to be protected is often called the sacrificial anode. 

A method of protection of metals against corrosion has recently 
been developed, which is based on imposing anodic polarization. 
This method is applicable only to metals and alloys capable of 
passivation when their potential is shifted in the positive direction, 
i.e., to metals whose anodic polarization curve is similar to the 
one given in Fig. 23.3. When the passive-stale region is attained, 
the rate of dissolution of the metal may fall abruptly and become 
lower than its rate of self-dissolution in the absence of external 
polarization. 

Electrical methods of corrosion protection also includo so-called 
electrical drainage used to protect buried metal structures against 
the destructive effect of stray currents. In this method, anodic 
areas which cause corrosion are detected on a buried metal structure 
and connected by metallic conductors to sources of stray currents 
(e.g. tramway rails, d-c cables). All the current will then Siow through 
the metallic conductor and the danger of an anodic reaction will 
be eliminated. 

The protection of metals based on altering their properties is 
achieved by special treatment of their surface or by alloying. 

The treatment of the surface of a metal to decrease ils corrosion 
is carried out by any one of the following methods: (1) coating 
a metal with surface passivating films of its sparingly soluble 
compounds (oxides, phosphates. sulphates, tungstates used separa- 
tely or in combination): (2) covering the metal surface with protec- 
tive coats of oils. greases. bitumens. paints, enamels, etc.; and 
(3) applying coatings of other metals which are more stable under 
given conditions than the metal to be protected (tinning. plating 
with zinc, copper. nickel. chromium. lead. rhodium, etc.). 

The protective action of most of the surface films is achieved by 
mechanical separation of the metal from its corrosive environment. 
According to the local-cell theory. their effect is due to the increase 
of electrical resistance (Fig. 24.92). From the standpoint of the 
kinetic theory of corrosion it should be ascribed to the setting up of 
an additional energy barrier, which increases the polarization of the 
anodic and cathodic processes (Fig. 24.95). 
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The increased stability of iron and steel articles coated with 
other metals is due to mechanical isolation of the surface and to 
the alteration of its electrochemical properties. In this mode of 
prolection the reversible potential for the anodic reaction is shifted 
to more positive values (coating with copper, nickel. rhodium) 
or the polarization of the cathodic reaction is increased, i.e., Lhe 
hydrogen overpotential is raised (zinc. tin, lead). As follows froin 
the diagrams of Fig. 24.5 and also from Eq. (24.18) all these changes 
reduce the rate of corrosion. 

The surface treatment of metals is aimed at preventing corrosion 
of machines, equipment, apparatus and household articles during 
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Fig. 24.9. The decrease of the corrosion rate in the presence of a protective 


surface !ayer due to increased ohmic resistance (a) and increased energy 
barrier (b) ` 


transportation and storage (oils, greases, passivating films) and 
at long-term protection in service (varnishes, paints, enamels 
metallic coatings). A common drawback of these methods is that 
when the surface layer wears out or is damaged the intensity of 
corrosion may sharply increase, and a new coaling sometimes cannot 
be applied. In this respect alloying is considerably more effective 
in increasing the corrosion resistance of metals, although it is usually 
more expensive. An example is the alloying of copper with gold. 
To protect copper reliably against corrosion it is necessary to add 
to it a considerable amount of gold (not less than 52.5 at. 50%). Gold 
atoms mechanically protect copper atoms from interaction with 
the environment. Incomparably less alloying component is needed 
lo increase the stability of the metal if this component is capable 
of combining with oxygen to form a protective passivating film 
For example, the addition of several per cent of chromium sharply 
enhances the anticorrosive stability of steels. Of theoretical and 
Practical interest is the increase of the corrosion resistance of metals 
by alloying them with cathodic additives (Tomashov). To elucidate 
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the principles on which this method is based, we will consider 
polentiostatic curves after Kolotyrkin. In the absence of externally 
applied polarizing current a metal is at a stationary potential e,,, 
(Fig. 24.10) lying in the region of its active dissolution (before 
alloying). The rate of corrosion is determined here by the point 


of intersection of the in and (jig curves and corresponds to the 
current i,,,. Upon addition of a small amount of palladium (or 
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Fig. 24.10. Polarization diagram showing the possibility of protecting a metal 
againsl corrosion by increasing the rate of the cathodic process and shifting 
the steady-state potential to the passivity region 


any other metal of low hydrogen overpolential) to the parent metal 
the polarization curve for hydrogen evolution will correspond to the 


straight line it. which intersects the anodic curve already in the 
passivily region. As a result, the stationary corrosion potential 
is shifted to the positive side up to a certain value ef, and the 
corrosion ralo drops down to ic. which corresponds to the rate 
of dissolution of the metal in the passive state. Thus, the corrosion 
rate is reduced here by decreased retardation of the cathodic process. 
Such a mechanism of corrosion protection is possible only where the 
reversible potential of the hydrogen electrode is more positive 
under the given conditions than the Flade potential and the point 
of intersection of the cathodic and anodic polarization curves 
lies in the region of the passive state of the metal (Fig. 24.10). 
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The corrosion rate can also be decreased by altering the properties 
of the corrosive medium. This is achieved either by special treatment 
of the medium with a view to depress its aggressiveness or by 
introducing into it small amounts of special substances, so-called 
corrosion inhibitors. 

The treatment of the corrosive medium is carried out by any 
methods which lower the concentrations of its aggressive constiluents. 
For example, in neutral salt solutions and in fresh water one of the 
most aggressive components is oxygen. It is removed by deaeration 
(boiling, distillation, bubbling with an inert gas) or by binding 
it with appropriate reagents (sulphates, hydrazine. etc.). The lowering 
of the oxygen concentration diminishes almost linearly its reduction 
limiting current and hence (see Fig. 24.7) the rate of corrosion of 
the metal. The aggressiveness of the medium can also be depressed 
by alkalization, decreasing the total content of salts and replacing 
more aggressive ions with less aggressive ones. In the anticorrosive 
treatment of water aimed at depressing its scale-forming tendency 
it is very often purified with ion-exchange resins. 

Corrosion inhibitors are classified as liquid-phase and vapour-phase 
or volatile, depending on the conditions of their use. Liquid-phase 
corrosion inhibitors are subdivided according to their utilization 
(in neutral, alkaline or acidic media). The inhibitors most often 
used for neutral solutions are inorganic compounds of the anionic 
type. Their inhibiting effect is evidently associated either with 
the oxidation of the metal surface (nitrites, chromates) or with the 
formation of a film of a difficultly soluble compound between the 
metal, the given anion and. possibly, oxygen (phosphates, hydro- 
phosphates). An exception is benzoates, whose inhibiting effect is 
mainly associated with adsorption phenomena. All corrosion inhibi- 
lors used for neutral solutions slow down predominantly the anodic 
reaction, causing a shift of the stationary potential in the positive 
direction (see Fig. 24.5). No effective corrosion inhibitors have 
been found so far for protection of metals in alkaline solutions. 
Only high-molecular-weight compounds possess some inhibitive 
properties. 

Corrosion inhibitors for acidic solutions are almost exclusively 
organic substances containing nitrogen, sulphur or oxygen in the 
form of amino, imino, and thio groups and also as carboxyl, carbonyl 
and some other groups. It is commonly held that the inhibiting 
action of organic substances is due to their adsorption at the metal- 
acid interface which retards cathodic and anodic reactions, thereby 
reducing the corrosion rate. In connection with the predominantly 
adsorptive elfect of organic inhibitors of acid corrosion the magnitude 
of the surface charge of the corroding metal, i.e., the value of its ꝙ 
potential. is of special importance for understanding the mechanism 
of their inhibiting action and for a rational approach to the deve- 
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lopment of new inhibitors. The application of the correlative scale 
of potentials allows one to use data of electrocapillary measurements 
on mercury in solutions containing organic substances in order 
to estimate their efficiency as corrosion inhibitors for iron and 
other metals in contact with acidic media. Knowing the q potential 
of the metal subjected to corrosion, one can calculate the inhibi- 
Lion coefficients as well as predict which substances will act as corro- 
sion inhibitors. Experimental values of the inhibition coefficients 
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Fig. 24.11. Comparing experimental and calculated (straight line) coefficients 

of inhibition of the acid corrosion of iron on addition of different amounts of 

diethylamine. Filled and empty circles represent experimental data obtained 
by different authors 


for retarding the corrosion of iron in acidic media in the presence 
of different amounts of diethylamine are given in Fig. 24.11 along 
with the theoretical straight line Plotted according to the equation 


log y = consts + const, -+ Bo log c (24.24) 


where consls is a quantity constant for any member of the homolo- 
gous series of amines and pyridines, and const; and By are found 
from electrocapillary measurements on mercury.“ 

However, adsorption is only a necessary precondition for the 
manifestation of the inhibiting cffect of organic substances. and it 
does not determine completely the actual effect of inhibitors. This 
actual effect depends also on many other factors, viz. the electroche- 
mical characteristics of a particular corrosion process, the nature 


D : 
Const, corresponds to the surface-tension decrement Ao at a concentra- 


tion of the inhibitor c equal to 1 i strai 
line in the equation log Ac = 99 ee e R 
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of the cathodic reaction, the magnitude and nature of hydrogen 
overpotential (in corrosion with hydrogen depolarization), possible 
chemical transformations of inhibitors during corrosion, ete. In 
cerlain cases the effects of these factors may prevail, in which case 
simple relations like Eq. (24.24) cease to operate. But even then 
they are useful because they allow one to judge the mechanism of 
inhibition on the basis of deviations observed. 

The effect of most of corrosion inhibitors used in acidic media 
is reinforced by the addition of surface-active anions: halides, 
sulphides and rhodanides. 

Vapour-phase inhibitors are used for corrosion protection ol 
machines, apparatus and other metal articles during their service 
in the air medium, during transportation and storage. Vapour- 
phase inhibitors are sprinkled as a solid in a container or packing 
case, or placed in a muslin bag close to the surfaces Lo be protected. 
Owing to the sufficiently high vapour pressure volatile inhibitors 
reach the melal-air interface and dissolve in the moisture film 
covering the metal. Then they are adsorbed from the solution on the 
metal surface. The inhibiting effects in this case are similar to those 
observed with liquid-phase inhibitors. The compounds commonly 
used as vapour-phase inhibitors are amines of low molecular weight 
to which corresponding groups (e.g. NO: or CO») are added. In 
connection with the specific conditions of their use the toxicity 
of vapour-phase inhibitors should be kept to a minimum. 

To protect metals against corrosion, combination methods are 
often used. For example, to prolong the service life of underground 
pipelines. mechanical means of corrosion protection (insulating 
malerials, bitumen compositions, etc.) are used in combination with 
cathodic protection, which prevents the metal from corrosion at 
spots unprolected by the insulating layer. Paints used to prevent 
metals from corrosion contain a corrosion inhibitor; thus mechanical 
protection is combined with electrochemical protection. The imposi- 
tion of cathodic polarization enhances the retarding effect of inbi- 
bitors in neutral and acidic media. In the lirst case the effectiveness 
of corrosion protection is increased mainly by alkalizing the solution 
near the metal surface, which facilitates the formation of difficultly 
soluble compounds. In acid media an increase in the efficiency 
of protection results from the increase in the adsorbability of organic 
cations when the potential of the metal is shifted in the negative 
direction, i. e., when ils negative charge is increased. Some organic 
substances which do not affect the corrosion of iron in neutral media 
become efficient inhibitors when the cathodic polarization is applied. 

The net effect of combined protective methods is usually higher 
than the separate effect of the corresponding individual methods. 


CHAPTER 25 


Some Problems of Modern 
Electrochemistry 


Present-day electrochemistry has not only solved many old pro- 
blems of classical electrochemistry hut also formulated new problems 
and developed novel trends called forth by the general progress 
of science and technology. 

Mention should primarily be made of such new trends as the 
electrochemistry of semiconductors, chemolronics, and fuel cells. 

Semiconductor electrochemistry as a new branch of theoretical 
electrochemistry owes its origin to two main factors. First, many 
electrochemical processes taking place at the clectrode-clectrolyte 
interface actually occur on a surface exhibiting the properties of 
semiconductors and having all the intrinsic features of this type 
of material. The conductivity of these surface layers metal oxides 
and hydrides, intermetallic compounds. etc.—lies hetween the 
conductivities of metals and dielectrics. It is sensitive Lo the presence 
of traces of impurities and increases with temperature. in contrast 
to the conductivity of metals. The passage of a current through 
semiconductors is accomplished, in a general case, by electrons 
(n-type conductivity) or by holes, i.e., vacancies left after electrons 
have moved to another energy band (p-type conductivity). In contrast 
to metals, in semiconductors there is a wide space-charge layer 
near their contact with other phases, which complicates the picture 
of the electric double layer. Interpretation of the kinetics of many 
electrochemical reactions (processes in chemical sources of elec- 
tricity, anodic dissolution of metals, ete.) is therefore impossible 
without claboralion of the electrochemistry of semiconductors. 
Second, an important role in the technology of production of semi- 
conducting materials used to fabricate electronic devices, solar 
batteries, etc., is played by processes which are electrochemical 
in nature. Among these processes are the anodic and ordinary etching 
of semiconductors, the deposition of thin layers of a metal on the 
surface of semiconductors, etc. 

Chemotronics, which has emerged only recently, is concerned 
with electrochemical systems capable of functioning as individual 
components and even assemblies in intricate electronic and cybernetic 
circuits. Relatively simple electrochemical cells (and their combi- 
nations) can be used as diodes, pressure pickups, integrators, multi- 
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pliers, memory devices, etc. The specific feature of chemotronic 
devices is that they are most convenient for measurements and 
control of processes involving comparatively low frequencies (usually 
below 1000 Hertz) at which electronic and semiconductor devices 
are almost inapplicable. This feature of chemotronics arises from 
the fact that, in distinction to radio valves and semiconductors, 
in which the electrons and holes are charge carriers. in chemotronie 
devices this role is played by ions, i. e., particles having a considera- 
bly larger mass and interia and. therefore. moving at a lower velocity. 
Another specific feature of chemotronic devices is that the flux 
of charged particles can be controlled not only by imposing an 
electric field, as in radio valves and semiconductors, but also by 
mass transfer, i.e.. changing the conditions of diffusion and con- 
veclion. Thanks to this property chemolronic devices are more 
universal than electronic and semiconductor devices. 

Still another feature of chemotronic devices is the nature of the 
medium in which charge carriers migrate. The medium presently 
used in chemotronic devices is a solution (usually aqueous) of a cor- 
responding electrolyte (commonly potassium iodide with a small 
amount of iodine). [n radio valves, the electrons move in a vacuum, 
and in semiconductors. in crystal lattice interstices. According 
to Lidorenko, who outlined the prospects of practical application 
of chemotronic devices, most diverse materials may be used as 
working media in chemotronic devices. 

The third trend in the progress of electrochemistry is linked with 
the development of so-called fuel cells. This problem is of special 
topical importance and deserves a more detailed consideration. 

A fuel cell (or an electrochemical energy producer) is an electro- 
chemical device intended for direct conversion of chemical energy 
contained in the system "fuel — oxidant^ into electrical energy. 

At present, the most widespread method of utilizing the chemical 
energy of a fuel is to burn il up in steam boilers or in internal-com- 
bustion engines. Here the chemical energy of the (uel is transformed 
into the heat energy of the reaction products: 


fuel + oxygen = reaction products + (heat energy) 


Since the ultimate purpose of operation of any engine is to perform 
some work, the transformation of chemical energy into heat is 
followed by the conversion of this heat into mechanical energy 
and then, if required. into electrical energy. Thus, the following 
energy-conversion cycle is accomplished: 


I I : 111 
chemical energy — heat — mechanical energy — 
electrical energy 


All the three stages of energy conversion involve losses. However, 
while at stages I and III these losses may in principlo be reduced 
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to a negligible value (depending merely on the perfection of the 
design), stage II involves losses which cannot be avoided by any 
improvement of the engine design. The reason lies in the specific 
nature of heat as a form of energy. 

Heat is the energy of chaotically moving molecules. The transfor- 
mation of heat into the energy of oriented movement of macroscopic 
bodies (mechanical energy) or into the energy of an oriented flux 
of charged particles (electrical energy) is possible only if there 
are two heal reservoirs: a source at a higher temperature 7. and 
a sink at a lower temperature 7,. The degree of conversion of heat 


Q into work 4 depends on the ratio of these temperatures and cannot, 
even under the most favourable conditions, exceed the value defined 
by Carnot's theorem: 

A T, 25 

z < (1-7) SPD 
In practice. the efficiency of steam engines is 4-8 per cent, that 
of powerful heat-and-power stations up to 30 per cent, and of power- 
ful stationary internal-combustion engines from 4U to 50 per cent. 
Thus, in present-day heat engines 50 to 95 per cent of the original 
chemical energy of a fuel is wasted, the greater part of (hese efficiency 
losses being unavoidable. 

In contrast to heat engines, in fuel cells the chemical energy is 


directly converted into electrical energy without an intermediate 
heat stage: 


chemical energy — electrical energy 


Thus the limitations imposed by the second law of thermodynamics 
do not apply here, and theoretically an efficiency close to 100 per 
cent can be achieved. 

In a fuel cell, the overall chemical reaction of fuel combustion 


fuel + oxidant = reaction products — Q 


is split up into two interconnected partial electrochemical reactions 
taking place at electrodes and involving electrons: 


(1) at anode: fuel = fuel oxidation products — ze 
(2) at cathode: oxidant + ze = oxidant reduction products 


When passing through the external circuit from the anode to the 
cathode the electrons can perform useful work. In other words. 
the chaotic movement of electrons between the reacting particles. 
accompanied by the evolution of heat (ordinary combustion). is 
replaced by an ordered transfer resulting in useful work (electroche- 
mical combustion). 

In a fuel cell, as in any other galvanic cell, the amount of energy 
that can be converted to work corresponds to the change of free 
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energy (or Gibbs free-energy change) in the reacting system: 
Amas = 2E = — AG (25.2) 


The total change of the chemical energy stored in the reacting 775 0 
corresponds to the enthalpy (heat-content) change or to the therma 
effect of the reaction 


Q- —MI (25.3) 
The difference between AH and AG is called the bound energy 


of the system: when a galvanic cell is operating, this energy can 
be converted only to heat but not to work: 


AH — AG = TAS (25.4) 


The thermodynamic efficiency of a fuel cell is determined. as in the 
case of a heat engine, by the ratio of the work which can be obtained 
from the cell to the heat effect of the reaction. 


zFE AG TAS 


As can be seen from Eq. (25.5), the thermodynamic efficiency of 
a fuel cell depends on the magnitude and sign of the entropy change 
during the reaction. It is usually a small value and the efficiency 
is as a rule close to unity (to 100 per cent); it may be smaller or 
grealer than unity. In the latter case not only the entire internal 
energy of the system (-A) is converted to useful work but also 
a certain ainount of heat absorbed by the cell from the environment, 
‘Conversely. if AS « 0, then the efficiency will be smaller than 
unity and the corresponding part of the thermal effect, equal to 
TAS. is dissipated as heat. 

If the reaction involves gaseous substances, their contribution 
‘to the total entropy is greatest since the gas state is the least ordered 
one. Accordingly, when gaseous substances are consumed in the 
course of the reaction the entropy of the System may be expected 
to decrease. and the theoretical efficiency will be smaller than 
unity; when gaseous substances are formed. the opposite effect 
is observed. i.e.. the entropy of the system will increase and the 
efficiency will be greater than unity. For example, at room tempera- 
ture the reaction of coal combustion : 


C + Oe = CO, 


where the number of moles of gaseous Substances does not 

À è c 
(ån = 0). 19 5 1 e efficiency nearly equal to 8 
with an emf ol 1.02. e reaction of incomplete combustior 
of coal (An = +0.5) p bustion 


C + 02 = CO 
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under the same conditions gives, respectively. 1.25 and 0.7V. For 
a reaction in a hydrogen-oxygen fuel cell (An = —1.5) 
II; + 1/505 = HLO (liquid) 


one has 0.83 and 1.23V. 
Technical data for some combustion reactions which can be used 
in fuel cells are listed in Table 25.1. 
TABLE 25.1 
Technical Data for Some Combustion Reactions 


E 900°eK 
Reaction z An 
E Efficiency E Efficiency 
4 0 1.02 1.00 1.02 1.02 
2i 4 —1 0.70 {.25 0. 98 1.75 
200 4- 0, =2C0, 4 —1 1.33 0.91 1.06 0.72 
CH,4-20,—CO;--2H.0 | 8 0 1.04 1.00 1.04 1.00 
H+ Oz: = 2H:0 4 —1 1.18 0.94 1.03 6.30 


The practical efficiency of the existing [uel cells is much lower 
than theoretical (50-80 per cent), but greatly exceeds the efficiency 
of heat engines. 

Thus, the foremost feature of fuel cells is the possibility of direct 
conversion of chemical energy into electrical at a high efficiency. 
lt should be noted that this specific feature, as well as all the above 
thermodynamic regularities, refers not only to [uel ceils but also 
to conventional chemical sources of electricity —galvanie cells and 
storage batteries. In these, as mentioned earlier. the chemical 
energy of active substances is also directly converted into electrical 
energy. Fuel cells differ from ordinary electrochemical energy pro- 
ducers in that the reactants (fuel and oxidant) are nol incorporated 
into the electrodes beforehand. but are continuously fed to them 
during operation. This is the reason why fuel cells can operate 
continuously for an indefinite period of time while the reactants 
are supplied and the reaction products removed. Continuous opera- 
tion is the second distinctive feature of fuel cells. 

Fuel cells possess other. less unique features, owing to which 
they are preferred in a number of special fields of application. These 
include the absence of moving parts, constant readiness for operation, 
high effectiveness over a wide range of loads, silent operation and. 
for some types of fuel cells. the absence of harmful waste products. 

A clearcut formulation of the advantages offered by the electro- 
chemical burning-up of a fuel in comparison with ordinary chemical 
combustion reactions was first given by Yablochkov in the 1880's. 
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and at the same time he received his first patent for the invention 
of the fnel cell. Later the idea of the fuel cell was developed by 
Ostwald. However. attempts at constructing a fuel cell suitable 
for practical use faced considerable difficulties at the very outset 
due primarily to the electrochemical inertness of coal. Even at 
temperatures of the order of 1000°C the rate of the electrochemical 
burning-up of a solid fuel remains too low. Besides, a cell using 
a solid fuel soon becomes inoperative because of the accumulation 
of ash. Fuel cells in which a solid fuel is used indirectly as a reducing 
agent have proved somewhat more effective. In these cells. the 
electrochemically active substances are appropriately selected redox 
systems. For example. the following processes can be used: 

at the negative electrode 


Sn?“ — Sn'* -- 2e 
at the positive electrode 
Br, + 2e — 2Br- 


The tetravalent stannic ions formed are reduced externally by 
a primary fuel (coal) and the bromide ions are oxidized by atmo- 
spheric oxygen and then fed hack to the cell to complete the cycle. 
Redox fuel cells, as they are called, have not yet found practical 
application, but work along these lines is in progress. 

Al present all attempts al using solid fuels in fuel cells have 
been abandoned and attention is mainly focused on the use of gaseous 
and liquid fuels, which exhibit a higher chemical activity and are 
technologically more convenient. The most promising liquid fuels 
are methyl and ethyl alcohols, formaldehyde, and hydrazine; 
efficient gascous fuels include ethylene, butane. propane and other 
hydrocarbon gases, vapour-phase gasoline. carbon monoxide. and 
hydrogen. The oxidant is predominantly oxygen (pure oxygen or 
air), but other oxidants (e.g., hydrogen peroxide, chlorine and nitric 
acid) arc also used for special purposes. 

The development and construction of efficient fuel cells is a highly 
complicated engineering problem, and its solution has become possible 
only within the last 10-15 years due to the latest achievements in 
electrochemistry. Fuel cells have to meet a number of rather stringent 
and sometimes contradictory requirements. The basic requirement 
is to provide sufficienUy high rates of electrode processes for a long 
period of time. To put it differently, the electrodes of a fuel celi 
must possess a high electrochemical activity, i.e., provide high 
current densities at low polarization. The second requirement refers 
to the electrolyte. It must possess a high ionic conductivity and 
stability, i.e., ils composition must remain unchanged during its 
interaction with the fuel. oxidant or reaction products. At the 
same Lime the electrolyte should not cause corrosion of the electrode 
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or other parts of the cell. Fuel cells have to meet other requirements 
as well. They include a continuous and uniform supply of active 
substances to the working surfaces of the electrodes, removal of the 
reaction products from the cell, compactness and lightness of the 
construction, and a long service life. 

This set of requirements is very difficult to meet and therefore 
only a few constructions of fuel cells suitable for practical use are 
known at present, though intensive research is being carried on in 
a number of countries. 

The high electrochemical activity of electrodes of fucl cells is 
achieved by various methods: increase of the temperature, use 
of catalysts and of electrodes with a large surface area, etc. A con- 
siderable increase in temperature (up to 400-900°C and higher) 
is usually resorted to in cases where electrochemically inactive 
substances, e.g., hydrocarbon gases and carbon monoxide, are emplo- 
yed as fuels. A device working at such temperatures is called 
a high-temperature fuel cell; an important contribution to the develop- 
ment of this type of fuel cell was made by Davtyan (1946). The 
electrolytes used in high-Lemperature fuel cells are either molten 
carbonates (or metal hydroxides) or solid electrolytes possessing 
a sufficient ionic conductivity at high temperatures. The advantages 
of such fuel cells are the possibility of using low-activily and rela- 
tively contaminated fuels and the high intensity of the process. Their 
disadvantages are the difficulties associated with operation at high 
temperatures and with selecting stable materials, high consumption 
of energy for heating and compensation of heat losses. 

There are fuel cells with aqueous electrolytes operating at slightly 
elevated temperatures (180-250°C) and a pressure of 5 to 50 atm. 
They are called moderate-temperature fuel cells. This category includes 
first of all the hydrogen-oxygen cell designed by Bacon. in which 
an alkaline electrolyle and porous nickel electrodes are used. Modera- 
te-temperature fuel cells with concentrated phosphoric acid as the 
electrolyte may prove suitable for electrochemical burning of gaseous 
hydrocarbon fuels. 

Much attention is focused at present on low-temperature fuel 
cells operating at temperatures up to 100°C. Such cells are simpler 
in design and considerably more convenient in operation than 
high- and moderate-temperature ones. The electrode processes in 
low-temperature cells are accelerated by using catalysts of maximal 
activity. However, since such catalysts are highly sensitive lo con- 
taminations, only sufficiently pure substances may be used as fuels 
and oxidants. 

Present-day low-temperature hydrogen-oxygen [uel cells have 
a current density of up to 300 mA/cm? and a specific power of up 
to 200 W/kg. In fuel cells operating on a liquid fuel (alcohol) these 
characteristics are approximately one order of magnitude lower. 
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In low-temperature hydrogen-oxygen fuel cells so-called gas-diffu- 
sion electrodes arc widely employed. These are porous metallic (most 
frequently nickel) plates consisting of two Jayers. One layer, in 
contact with the electrolyte, has small pores and faces the other 
electrode; this layer, called the electrolyte retainer, is backed up 
wilh another layer in contact with the gas phase and having Jarger 
pores (the supporting or working layer). This electrode structure, 
originally developed by Bacon, provides a large interface between 
the gas and the electrolyte and ensures their intimate contact. The 
interface is here in the immediate vicinity of the surface of the solid 
phase on which the electrochemical reaction takes place. The gas 
is prevented from bubbling through the electrode by the capillary 
pressure of the liquid contained in the small pores of the retaining 
layer. Thus a full utilization of the combustible gas and oxygen 
is achieved. 

A catalyst is introduced into the supporting layer. The catalyst 
used for a hydrogen electrode is finely divided nickel (Raney nickel) 
produced by leaching aluminium out of its alloy with nickel. The 
remaining nickel has a distorted crystal lattice and a large surface 
area reaching 100 m?/g. It is therefore a very active catalyst for the 
ionizalion of hydrogen. It was first used in the fuel cells invented 
by Justi“. Fhe oxygen electrode usually contains silver as an active 
ingredient. which serves as catalyst for decomposition of hydrogen 
peroxide. the primary product of the cathodic reduction of oxygen 
in the alkaline solution. 

Porous cicctrodes are the scene of complex and interrelated proces- 
ses, Which ::ay briefly be described as follows. The gas, penetrating 
through ti liquid-free pores into the supporting layer of the elec- 
trode, dissotves in the electrolyte film covering the inner surface 
of the pore. and then, diffusing through the film to the metal surface, 
is adsorbeó on it. Then follows ionization of the adsorbed gas. 
i. e., the electrochemical process, which is accompanied by the gene- 
ration of electricity. The preducts of the electrode reaction diffuse 
through the electrolyte film frem the supporting layer into the 
space between the electredes. 

The directly measured electrochemical parameters of porous electro- 
des (their macrokinetic characteristics) are determined by the super- 
position of the processes described above, which are associated both 
with the nature of the elementary electrode reaction (microkinetics) 
and with the transfer of the substance and clectricily inside the 
electrode pores (macrofactors). The interplay of the micro- and macro- 
factors results in the intensity of the discharge process being distri- 
buted unevenly over the inner surface of the porous electrode. The 


1) Such a structure is sometimes called aD, ne inventor, 
Justi, used this abbreviation.— Tr, SK electrode because the i , 


lj, 35-0303 
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highest intensity is usually observed on the electrolyte side of the 
electrode, to which the current passes easily through the liquid 
contained in the small pores. The intensity of the process gradually 
decreases in the bulk of the electrode. Therefore the efficient operation 
of gas-diflusion fuel cells requires not only the use of a highly active 
catalyst but also a rational choice of the porous structure of the 
electrode to ensure optimum conditions for supply of reactants 
to the inner surface. 

Apart from porous nickel electrodes, carbon electrodes activated 
by small amounts of metals of the platinum group (e.g. Kordesh 
cells) are also used in some types of low-temperature fuel cells. 
In carbon electrodes, the necessary separation of the gas from the 
liquid in the bulk of the supporting layer is achieved by partial 
hydrophobization of the carbon material. 

All bydrogen-oxygen (oxyhydrogen) fuel cells with a liquid electro- 
lyte operate almost exclusively on alkaline solutions. These electro- 
lytes have some shortcomings. First of all, they are carbonized 
when the air is blown through them. Besides, even when no current 
is drawn from the cell, the potential of the positive electrode is found 
to be lower than the reversible potential of the oxygen electrode 
under given conditions. This is attributed to the fact that the reduc- 
lion of oxygon in alkaline solutions may lead Lo the formation of 
hydrogen peroxide instead of water with the resulting decrease in the 
electrode potential and the number of electrons participating in the 
reaction. The electrode material must therefore be catalytically 
activo with respect to the reaction of hydrogen-pcroxide decomposi- 
tion. 

Acid electrolytes are freo from these shoricomings, but their 
uso requires electrode materials of sufficiently high corrosion resi- 
stance. The best results have so far been obtained by using acid 
fuel cells with ion-exchange membranes. In fue! cells of this type 
tho electrodes are made of silver gauze (for the oxygen electrode) 
and of platinum or palladium gauze (for the hydrogen electrode), 
and the electrolyte is a thin film of an ion-exchange resin, in which 
the current is carried practically by a single species of ions. 

Tho development of fuel cells is closely linked with the problem 
of utilization of the chemical energy of by-products from chemical 
and electrochemical processes for generating clectricity. For example, 
electrical energy can be obtained through decomposition of sodium 
amalgam. which is an intermediate in the mercury method of produc- 
ing chlorine and caustic soda. A number of other chemical transfor- 
mations can also he effected in principle via electrochemical processes 
to produce electricity as a by-product. 

And, finally, fuel cells might be used in the future in combination 
with biochemical agents for rational utilization of organic waste 
and also of marine flora and fauna cast in tremendous amounts onto 
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sea and ocean shores. In such biochemi 
substrate is oxidized with the aid of 
microorganisms. A number of such sub 
found. It has been established that they 
or indirect effect. In the direct mechani 
(or corresponding microorganisms) are to be in direct contact with 
the negative pole of the fuel cell. In the case of the indirect mecha- 
nism the effect of bacteria consists in splitting off hydrogen, which 
is then supplied to the electrode and is oxidized to produce water. 
Bacteria capable of functioning in biochemical fuel cells include 
for example, Pseudomonas methanica. For their vital activity these 
bacteria make use of the carbon from methane or methyl alcohol 
with the simultaneous liberation of hydrogen. In the presence of 
these microorganisms either direct or indirect activation of the 
organic fuel is possible. A somewhat higher potential is produced 
in the first case, evidently due to the evolution of atomic hydrogen. 

Properly organized large-scale research and engineering work on 
the development ofvefficient fuel cells carried on in many countries 
creates the necessary prerequisites for their utilization in the various 
branches of technology. The principal field of application of fuel 
cells at present/is the power supply of communication systems and 
airborne equipment (in spacecraft). It may be expected that [uel 
cells will fi wide use as a source of power in transportation (electric 
automobiles. electric locomotives, and other means of transportation 
which do r5: contaminate the atmosphere with harmful combustion 
gases), for the storage of energy from wind-driven generators, etc. 
The applicition of fuel cells instead of turbogenerators at large 
electric stations is now considered hypothetical because of their 
low efficicicy when conventional fuels are used and because of the 
Short service life of the existing fuel cells. 


cal fuel cells, the organic 
enzymes or corresponding 
Slances have already been 
may produce either direct 
Sm the fuel and enzymes 
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in redox reactions, 452 
theory of, taking into account 
convective diffusion, 329-33 
under stationary conditions, 332 
Diffusion potential, 29, 145, 146, 
150-4, 243 
determination of, 152 
Diffusion potential 
equation for, 152 
Henderson theory, 152, 153 
Planck theory, 152, 153 
salt bridge method, 154 
thermodynamic treatment of, 150 
Diffusivity, see Diffusion coefficient 
Dilution, 35 
Ostwald's law of, 35 
Dipole moment, 78 
induced, 78 
permanent, 78, 263 
of water molecules, 81 


Direct compensation method, 388 
Direct (primary) coulometry. 306 
Discharge current density, 475 
Discharge step, 361, 363 
Disciéteuess al charge effects, 292 
Dislocations, 353, 354 
Dispersion of conductance, 130 
Dissociation constant, 34, 42, 43, 130 
Dissociation, degree of, 34, 41 
Distribution of charges, 57 
Dropping morcury electrode, 333, 395, 
96 


of hydrogen 


Dropping mercury electrode method, 
270 


Drop time, 400 

Dolo theory, 179 

Dorn effect, 244 

Double-layer structure, 282ff, 368-74 
Ershler theory of, 292-3 
Esin-Shikhov theory of, 292 
Gouy-Chapman (diffuse-layer) theo- 

ry of, 285-8 

Grahame theory of, 293 
Helmholtz theory of, 233-4 
Reuss theory of, 292 
Stern (adsorption) theory of, 288-92 

Double sulphation, 209 


Effective activation onergy, 394 
Electrical energy, 21, 22, 29, 30, 31, 
539, 
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Electrical conductance, 10211 
anomalous, 134, 137 
and concentration, 114, 115, 123 
corrected, 135 
and dielectric constant, 113 
equivalent (molar), 102, 106, 112, 
114. 115, 116, 138 

at inlinite dilution, 114 

mixed, 141, 301 

specific, 102, 115, 116 

and temperature, 116 

unipolar, 141 

and viscosity, 113 

Electrical double layer, 219, 242, 

282ff, 368, 369, 370, 450 

adsorption theory of, 288 

capacity (capacitance) of, 283, 284, 
287, 288, 292 

differential capacity of, 271 

diffuse (Gouy) region, 289, 292, 369 

diffuse-layer theory, 285 

effect of capillary-active organic 
substances, 259 

equation for capacity of, 262 

Ershler model, 293 

Gouy-Chapman model of, 285-6 

Helmholtz region, 283, 289, 292, 
369. 370 

Helmholtz theory of, 283 

parallel-plate condenser theory of, 
253 


specilic capacities of, 259 
Stern model of, 288-92 
structure of, 282ff 
total capacity of, 292 
Electric field (potential) gradient, 101, 
102, " , 320 
Electroanalysis, 302-5 
Electrocapillary curves, 249, 250, 
251. 252 
Electrocapillary maximum (ecm), 249, 
250, 264 
Electrocapillary phenomena, 248-64 
theory of, 253 
Electrochemical corrosion of metals, 
511 
Electrochemical desorption step, 429 
Electrochemical dissolution of metals, 
498ff 
Electrochemical equivalent, 297, 298 
Electrochemical potential, 210, 212, 
360ff, 486 
and current density, 381 
in redox reactions, 452 
theory of, 362-8 
iheory of, with account taken of 
double-laver structure, 368-74 
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Electrochemical reactions, 21, 22, 23, 


intensification of, 3334 

e (consecutive), 379-80 

order of, 384 

tate of, 301, 363 

redox, kinetics of, 452ff 
Electrochemical reactor, 308 
Electrochemical redox reactions, 452 

adsorption phenomena in, 469-76 

experimental data on, 454 

steps in, 400 

theory of, 459 
Electrochemical step (act), 360, 380-6 
oi n systems (cells), 24, 


Electrochemical system 
allotropic, 192 
amalgam, 193-4 
anionic, 195 
cationic, 195 
chemical 
complex, 201 
double, 201 
simple, 197 
classification of, 190 
component, parts of, 23-4 
concentration, 190, 193-7 
equilibrium conditions in, 294-5 
gas, 194 
gravitational, 191 
irreversible, 31-2 
phase composition of, 210 
physical, 190, 191 
otential differences in, 2098 
reversible, 30 
thermodynamics of, 25ff 
thermogalvanic, 183 
types of, 191-204 
Volta physical theory of, 216-8 
Electrochemical series, of electrode 
reactions, 181-2 


Electrochemical theory of corrosion, 
522 
Electrochemistry, 21 
of aqueous and nonaqueous solu- 
tions, 24 
of gases, 24 
of melts, 24 
Electrochemistry 
industrial, 333, 407, 413 
reparative, 
n F miconductors, 141, 538 
some problems of, 
Electrocorrosion, 512 
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Electrocrystallization, 349, 351 
crystallochemical theory of, 352 
surface microstructure and defects 
in, 
Electrode-balance scheme, 109 
Electrode(s), 23, 24, 163 
amalgam, 
antimony, 168 
bipolar, 202 
calomel, 165-6 
chlorine, 171 
classification of, 163ff 
comparison, 167 
copper, 164 
of first kind, 163 
gas, 169-72 
gas-dillusion, 545 
lass, 176-9 
drogen, 169 
ideally polarizable, 249 
lead-dioxide, 199 
Jead-sulphate, 199 
mercury-mercuric oxide 167 
mercury-mercurous sulphate, 166-7 
metal-metal oxide, 167-9 
nonpolarizable, 248 
oxygen, 
orous, 949 
quinhydrone, 176 
redox. 73 
multiple, 173, 175 
simple, 173, 174 
reference, 165 
rolating-disc, 328-333, 391 
of second kind, 165 
selenium, 164 
silver, . : 
silver-silver chloride, 166-7 
table of, 181-2 
thermodynamic stability, 187 
vertical plate, 330, 334 
working (test), 388 
Jectrode kinetics, 308M, 411 
chemical steps in, 335 
effect of chemical transformations 
on, 
methods for investigating, 388-94 
Jectrode polarization, 309, 314 
E g. current density, for hydrogen 
evolution, 414 
rodeposition of metals, 477-97 
Elect ode surface activity in, 490 
from complexes, 485 
fect of various factors on, 481-6 
electrode ee charge in, 492 
ronic structure of ions 
elect als, 489 and 
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Electrodeposition of metals 
growth of deposit in, 478 
overpotential in, 478, 480, 481, 
486, 487, 496 
from simple salts, 481-5 
Electrode potential(s), 155, 209, 213 
equilibrium, 266, 295 
Gurney equation for, 238 
hydration (solvation) theory of, 234 
Pisarzhevsky-Izgaryshev theory, 232 
signs of, 159 
theory of formation of, 222 
Electrode reactions, table of, 181-2 
Electroendosmosis, 244 
Electroforming, 477 
Electrogravimetry, 302-5 
al constant current, 302-3 
at constant potential, 303, 304 
internal (short-circuit) 
electrolysis, 304 
spontaneous, 304 
Electrokinetic potential, 245 
Electrokinetic phenomena, 243-8 
Electrolyser (electrolytic cell), 24, 
31, 308, 309 
Electrolytes, 23 
binary, 33 
classification of, 33-4 
equilibrium conditions, {01 
osmotic properties of, 35 
potential, 137 
quaternary, 34 
solution model, 54, 55 
ternary, 34 
thermochemical effects in, 36 
true, 136 
Electrolytic cell, 24, 31. 308, 309 
Electrolytic dissolution pressure, 227, 
228, 230, 231 
Electromotive force (emf), 26, 100, 209 
chemical theory of, 218 
and contact potential difference, 219 
generation of, 217 
Gurney theory of, 234 
hydration (solvation) theory of, 234 
irreversible, 31, 32, 308 
Nernst ostmotic theory of, 225 
physical theory of, 216-7 
of polarization, 309 
reversible, 26, 308 
and single potential differences, 218 
Standard, 156 
Electron gas, 232, 355 
Electronic compressibility, 416 
Electronic oscillographs, 409 
Electroosmosis, 243, 244 
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Electrophoresis, 243, 244, 245 
Electrophoretic effect, 131, 149 
Electrophoretic force, 126, 130 
Electrophoretic velocity, 274 
Electroplating, 477 
Electropolishing, 499 
Electrorelining, 477 
Electrostatic forces, 63, 252, 283 
Electrostatic potential, 59 
Electrostriction, 77, 79 
Electrotyping, 477 
Electrowinning, 477 
Eley-Evans cycle, 82-3 
Energy 

activation, 23, 393 

chemical, 30, 31, 539, 540 

conversion cycles, 539-40 

free, 26 

hydration, 56 

internal, 26 

of ionic interaction, 53, 56 

solvation, 69 
Energy producer, 308, 309, 539 
Enforced dissolution, 498 
Enthalpy (heat content), 26, 541 
Entropy, 26 

of hydration, 89 

of solvation, 88 
Equilibrium electrode potentials, 155ff 
Equilibrium crystal shape, 350 


Equivalence point, in conductometric 
titration, 121 
in potentiometric titrations, 206, 
207 


Equivalent conductance, 102, 106, 
125, 126, 127 
and concentration; 114, 115, 116, 
1 
al inlinite dilution, 114 
and pressure, 119 
and relaxation effect, 127 
at zero concentration, 106 
Erdey-Gruz-Volmer formula, 374 
Esin-Markov ellect, 292 
European convention, 159 
Evans diagram, 522 
Excess surfaco energy, 345 
Exchange of charges, 219 
Exchange current density, 227, 228, 
242, 295, 363, 365, 366, 374, 
380, 381, 382, 391, 395, 517 
Exit work, 223 
Extensivity (extensive factor), 30 
External circuit, 24 
External current, 531 
External (outer) potential, 211, 212 
Extraneous ions. 320. 416, 426 


Fajans method, 84 
Faradaic rectification, 392 
Faraday number, 26 
Faraday's constant, 26 
Foraday's laws. 297f 
possible deviations from, 300 
and rate of electrochemical proces- 
ses, 301 
Fick's laws, 142, 143. 144, 332 
Film theory of passivity, 508 
Finite-ion-size model, 65 
First-class conductors, 24, 107, 141 
Flade potential, 506 
Forced convection, 320 
Formalion constant, 485 
Free energy change, 25 
Frenkel's molecular-kinetic theory of 
liquids, 93 
Freundlich a adsorption equation, 


Frictional coefficient, 103 
Frumkin-Damaskin equation, 
Frumkin isotherm, 261, 262 
Frumkin's theory of adsorption of 
organic molecules, 259-63 
Erumkin s theory of slow discharge, 


9 
Fuel cells, 466, 467, 539, 540 
with biochemical agents, 546-7 
fuels for, 543 
high-temperature, 544 
hydrogen-oxygen, 544 
with ion-exchange membranes, 546 
low-temperature, 544 
moderate-temporature, 544 
oxidants for, 543 
redox, 543 
Fugacity, 45 
poca approach, to ion pairs, 
137 
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Fuoss-Kraus equation, 138 


Galvanic cell, 24, 32, 308, 309 
Daniell-Jakobi, 201, 234 
Leclanché, 201 
Weston, 173, 198-9 

Galvani potential (difference), 

213, 214, 221, 222, 223, 

226, 227, 229, 266 
across motal-solution interface, 206 
as sum of three potentials, 221 
and Volta potential, 222 

Galvanic microcells, 522, 524 

Galvanostatic curve, 290 

Galvanostatic method, 390 

Gas electrodes, 169-72 : 

Gas-diffusion electrodes, 545 


212, 
224, 
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Ghosh's theory, 54, 55 
Gibbs adsorption formula, 256 
Gibbs-Duhem equation, 31, 257, 258 
Gibbs free energy, 26, 27, 28, 69, 
226, 255, 541 
Gibbs-Helmholtz equations; 28, 76 
Glass electrode, 176-9 
asymmetry potential of, 179 
standard potential of, 177 
Gorbachev method, 394 
Gouy Chapman diffuse-charge model, 


Gouy-Chapman theory of double 
layer, 285-8 

Gouy length, 60 

na. rational potential scale, 


Grotthus chain mechanism of ionic 
migration, 133, 141 

Growth sites, 355, 357 

Growth structure, 358 

Gurney equation, for electrode poten- 
tial, 238 

Gurney's potential diagram, 235 


Half-wave potentials, 396 
Heat of hydration, 69 
calculation of 
by continuum method, 75 
with the aid of Haber-Born cycles, 
69-71 
chemical, 85 
experimental, 73 
according to Bernal and Fowler, 


according to Izmailov, 74, 75 
according to Mishchenko, 74, 75 
of individual ions, 72f 
and ionic radius, 74 
real, 86 
relative, 72, 73 
of some compounds (table), 72 
total, 74 
Heat of solution, 69 
Heat of solvation, 69, 80, 91, 92, 93 
Helmholtz double-layer model, 283 
Helmholtz free energy, 26, 27, 226 
Helmholtz layer, inner and outer, 293 
Hess's law, 60, 70 
Heyrovsky-Horuiti mechanism, of 
hydrogen evolution. 377, 422-3 
Heyrovsky theory of hydrogen evo- 
lution, 429 
High-frequency conductometry, 122 
High-temperature [uel cells, 544 
Horuiti theory of hydrogen evolution, 
429-30 
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Hückel formula, 08 
Hydration energy, 69 
calculation o 
according to Eley and Evans, 82-4 
modelistic methods, 80f 
van Arkel and de Boer's method, 


80 
chemical, 84, 86, 87, 239 
of hydrogen ions, 75, 427 
real, 86, 87, 239 
Hydration of ions, 69ff. 326 
Hydration number(s), 89, 90 
and compressibility, 90 
of individual ions, 90 
Hydration shell (sheath), 80, 81, 
89, 234, 355 
Hydration (solvation) theory, of 
electrode potential, 231-41 
Hydro- and electrometallurgical pro- 
cesses, 477 
Hydrogen coulometer, 300 
Hydrogen electrode, 169-70 
Hydrogen evolution, 401, 411ff 
activation energy of, 419 
desorption in, 420, 431, 429, 430 
electrochemical overpotential in, 
mechanisms of, 376, 422 
on mercury, 435 
overpotential in, 413f 
on palladium, 439 
on platinum, 436-9 
possible steps and paths for, 420-3 
rate-determining step in, 429, 430 
recombination in, 420, 422, 430, 431 
scheme of, 421 
secondary, 412 
and separation factor, 441 
Tafel constants for, on metals, 415 
theory of slow recombination, 430-4 
Hydrogen gas cell, 194 
Hydrogen ions. 38, 96, 145, 411 
activity of, 178 
discharge of, 420, 465 
mobility of, 133, 413 
Hydrogen ion concentration, 38, 39 
Hydrogen isotopic separation factor, 


Hydrogen overpotential (overvoltage), 
315, 413 


and catalytic activity, 415 

dependence of, on current density 
and electrode material, 413-6 

effect of solution nature and compo- 
sition on, 416-8 

effect of temperature on, 418 

and interatomic distance, 416 

nature of, on different metals, 434-41 
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Hydrogen-oxygen cell, 197, 198 
Hydrogen-oxygen fuel cells, 544-6 
Hydrogen scale, 158 

Hydrophilic capacity, 74, 81, 84, 94 
Hydroxonium (hydronium) ion, 133, 


Hydroxyl "ions, 38, 96, 133 


Ideally polarizable electrodo, 249 
llkovic equations, 399 
Indicator electrode, 178, 206 
Indifferent (extraneous) electrolyte, 
2 
Indirect (commutator) method, 389 
Indirect (secondary) coulometry, 306 
Induced dipole moment, 78 
Inert metals, 487 
Inhibition coefficient, 530, 531, 536 
Inner Helmholtz plane (IHP), 293 
Inner-orhital complexes, 489, 490 
Instability constant, 207. 485 
Instantaneous current, 399 
Integral capacity, 254 
Intensivity (intensive factor), 30 
Intensive variables, 10 
Interaction energy, 60 
Intererystalline corrosion, 513 
Interfacial tension, 248, 272, 344, 345 
Intergranular corrosion, 513 
Interionic forces, 50, 54, 65, 68, 124 
Internal electrolysis, 304 
Internal energy, 26 
Internal friction coefficient, 126, 142 
Internal-goneration method, 306 
Internal (inner) potential, 211, 212 
International convention, 195 
Interphase region, 151, 152 
Ion adsorption, 220 
Ion association, 67 
Ion dehydration, 354-7 
Ion-dipole interaction, 81 
Ion distribution. 54f 
Tonic activity, 45f, 178 
lonir ailsorption method, 274 
onic atmosphere (ionic 
A 57, 126 125 cloud), 56, 
and ionic migration, 126 
model of, Dobye-Hückel, 56 
relaxation of, 127 : 
thickness, or radius, 
Ionic cloud, see Ionic a 
Ionic conductances, 105 
Ionic conduction, 320 
Ionic conductor, 23 
Ionic drift. 320 


of, 60 
tmosphere 


Ionic interaction 
energy of, 53 
forces of, 50 
theory of, 451 
Tonic migration. 104, 126 
Tonic mobility, 105, 111, 112, 113 
of bromide ions, 112 
and concentration, 118 
of hydrogen ions, 112 
of hydroxyl ions. 112, 113 
of iodide ions, 112 
and temperature, 119 
Ionic strength, 51 
Ionization constant, 99 
Ionogens, 137, 138 
Ionometry, 205 
Ion pairs. 136, 130 
Fuoss-Kraus approach, 137 
Semenchenko a Bjorrum approach, 
136 
and triplé ions, 137 
Ion-pair formation, 136, 137 
Ionophores, 136, 138 
lon-recharge processes, 454, 460 
Ion removal work, 488 
Ion-sizo parameter, 65 
Ton solvation, 232 
Ion-solvent interaction, 80 
Iron 
mechanism of dissolution of, 503 
Passivation of, 50 _ 
Irreversible electrochemical systems, 


295 N 
Isothormal temporature coefficients, 


181-2 
Isotonic factor, 35, 36 
Isotopic exchange of oxygen. 442 
IUPAC sign convention, 157, 
Izmailov method, 91 


Kapustinsky formulas, 70 
Kink sito, 350, 351, 355 
Kistyakovsky , Gan 10 
s for! ; Í 
M bises square and cubic root 
laws, 114, 124, 127 
Kolbe synthesis, 453, 416 
8. ue 
1 model. 355, 357 


Kryukovu effect, 475 


300 


261, 263, 429 


h tor, 5 
Talent beat f evaporation, 80 
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Lattice energy, 70 

Lattice defects, 353 

Lattice structures, 348 

Law of conservation of energy, 218 

Law of electroneutrality, 57, 58, 86 

Laws of thermodynamics, 26 

Lead (acid) accumulator, 199 

emf of, 200 

Lead nitrate crystals, 141 

Leclanché cell, 201 

Levelling solvent, 98 

Limiting current, 398 

Limiting current density, 325, 326, 
228. 329, 330, 331, 333, 334, 337 

Limiting current titrations, 402 

Lippmann's first equation, 253 

Lippmann's second equation, 254, 271 

Liquid corrosion, 512 

Liduid junction potential, 29 

Liquid-phase corrosion inhibitors, 535 

Local-cell theory, of corrosion, 522 

Long-range interaction, 93 

Low-temperature fuel cells, 544 

Luggin capillary, 388, 389 

Luther's rule, 174 

Lyons theory, of metal electrodepo- 
sition, 489 


Macrogalvanic couple, 532 

Madelung constant, 70 

Maximum, electrocapillary, 249, 250, 
(1 


Maximum diffusion current, 398 
Maxwoll-Boltzmann statistics, 62 
Mean activity coefficient, 52 
Mean diffusion limiting current, 399 
Mean ionic diameter, 65, 66, 67, 128 
Melting, 343 
Membrane, 179, 392, 440 
Mendeleyev's hydrate theory, 80 
Mercury coulometer, 300 
Mercury ions, 256 
Mercury-mercuric oxide electrode, 167 
Mercury-mercurous sulphate electro- 
e, 166-7 
Metal electrodes, 163 
Metallic alloys, 141 
Metal-metal oxide electrodes, 167-9 
Metal overpotential, 178, 315 
causes of, 496 
classification of metals according 
to, 481 
dependence of, on crystal face index, 


nature of, 486 
Metastability phenomena, 343 
Microammeter, 396 
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Migration, ionic, 126, 320 
Mishchenko method, 91 
Mixed conduction, 141 
Mixed potential, 515, 516 
Modelistic methods, for calculating 
hydration energy, 80-4 
Moderate-temperature fuel cells, 544 
Molecular diffusion, 101, 142-8, 320 
Molecular orientation, 78 
Moving boundary method, 110 
Multiple redox electrodes, 173, 174 
Mule electrochemical reactions, 


Mutarotation of glucose, 96 


Natural convection, 320, 330, 331 

Negative desorption potential, 493 

Negative hydration, 94 

Nernst-Brünner diffusion-layer model, 
321, 322 

Nernst diffusion cocfficient, 149 

Nernst equations, 230, 366 

Nernst hydrogen scale, 158, 159 

Nernst osmotic theory, 225-31 

Nernst potentials, 212, 213, 227 

Nernst’s theory of electrolyte diffu- 
sion, 148-9 

Nickel-cadmium cell, 200 

Nickel-iron accumulator, 200 

Nikolsky theory, 179 

Nitrate ions, 144 

Nonequilibrium electrode processes, 
294ff 


Non-metal electrodes, 163 

Nonpolarizable electrode, 248 

Nonstationary diffusion, 332 

Normal calomel electrode, 159 

Normal metals, 487 

Nucleation, 343 

Null points (zero-charge potentials), 

of metals, 264ff, 451, 456, 474 

data on, tabulated, 276, 277 
methods for measurement of, 2701 
theoretical calculation of, 275 
and work function, 278, 280 


Ohmic polarization, 390 
Obmic potential drop, 388, 389, 523, 
5 


Ohm's law, 106, 129 

Onsager equations, 127, 128 
Onsager-Fuoss equation, 128 E 
rder, adf electrochemical reactions, 


Organic adsorption, 259-64 
Organic substances, 259-64, 455, 457, 
67 


9, 
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Orionted adsorption of polar mole- 
cules, 221 
Oscillographic polarography, 409, 410 
Oscillometric titrations, 122 
Oscillopolarographic spectrum, 409 
Osmotic pressure, 41, 142, 149, 228 
Osmotic properties, 35-6 
Osmotic theory of electrode potential 
and emf, 225-31 
Ostwald scale of potentials, 159, 264 
Ostwald’s dilution law, 35, 124 
Outer Helmholtz plane (OHP), 293 
Outer-orbital complexes, 489 
Outer potential, 211, 212 
Overpotential, 315 
chemical (reaction), 315, 335-42, 486 
diffusion, 315, 317-34 
electrochemical, 316, 360íf, 486 
hydrogen, 315, 413 
metal, 278, 315 
oxygen, 443 
phase. 316, 343-59, 486 
reaction, 315 
transport, 315 
Oxidation-reduction electrodes, 173 
Oxide film, 508 
Oxidimetric titrations, 207 
Oxygen electrode, 170 
Oxygen evolution, 442-51 
mechanisms of, 446-51 
polarization curves for, 445 
steps in, 447 
Oxygen overpotential, 443 
effect of electrode material and 
solution composition on, 445 
experimental data on, 443 
Oxygen reduction, 467 
Oxyhydrogen fuel cells, 545, 546 


Packing density, 348, 349, 350 
Parallel-plate condenser model, of 
double layer, 283-4 
Partial currents. 294, 295 
Partial electrode reactions, 314 
Passivating films, 532 
Passivation potential, 505 
Passivity, 304 
film and adsorption theories of, 
507-10 
Pendulum method, 273 
Permanent dipole moment, 78 


H, 38, 
Phase ovorpotèntial, 316, 343-59, 486, 
Phase transformations, 343ff 


Phi-scale of potentials, 267, 268, 269, 
474, 492, 536 


Photoelectrochemistry, 25 
Physical cells, 190 

allotropic, 192 

gravitational, 191 
Pisarzhevsky-Izgaryshev theory. 232 
Pisarzhevsky-Walden rule, 113 
Planar site, 350, 351, 355 


Planck-Henderson equations, 153 
Plano of symmetry, 348 
Point-charge approximation, Debye- 


Hiickel, 60 
Poisson oquation, 56, 57, 58 
Polarimetric titrations, 402 
Polarizability, 78 
Polarization, electrode, 309, 336 
activation, 316 
adsorption, 484 
concentration, 315 
curves, 310, 388, 445, 505 
omf of, 309 
factors controlling, in cathodic 
deposition of metals, 487 
phenomena, classification of, 313-6 
in redox reactions, 452 
Polarization curve method, 388-90 
Polarization diagrams, 528, 529, 534 
for corrosion with hydrogen depola- 
tization, 530 
for corrosion with oxygen depolari- 
zation, 528 
Polarization resistance, 325, 367 
Polarization-time curve, 480 
Polarograms, 396, 397, 403 
differential, 408, 409 
Polarographic cell, 395, 396 
Rolarographic curve, 397 
Polarographic maxima, 403-8 
of the first kind, 408 
negative, 404, 405 
positivo, 404, 405 
of the second kind, 407 
suppression of, 406 
Polarographic wave, 396, 397 
basic equation of, 399 
Polarography, 395ff 
with amalgam electrodes, 402 
classical, 395-402 
differential, 408 
further development of, 408-10 
oscillographic, 409, 410 
with solid microelectrodes, 402 
Polycrystalline deposits, 358 
Porous olectrodes, 545 
Positive hydration, 94 
Potential(s), 162, 220 
chemical, 29, 101, 151, 212 
contact, 213, 214, 216, 219, 222 
depassivation, 506 
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Potential 
diffusion, 29, 145, 150f, 212 
dipole, 221 f 
of electrocapillary maximum, 264, 
265 


electrochemical, 210, 212 

electrode, 157, 162, 213, 216 

electrokinetic, 245, 282 

external outer), 211, 212 

Flade, 506 

Galvani, 212, 213 

internal (inner), 211, 212 

of ion, 59 

of ionic atmosphere, 60 

liquid junction, 212, 220 

mediators, 176 

Nernst, 212, 213, 216 

normal, 0 

passivation, 505 

phi (9), 267, 287, 471-4, 492, 536 

real, 212, 223 

redox-kinetic, 392 

sedimentation, 243 

standard, 268 

stationary (steady-stale), 296, 310, 
514, 545 


streaming, 243 

surface, 211, 212 

of uncharged surface, 265, 266, 269 

Volta, 212 

zeta, 245, 282 

of zero charge, 219, 265! 
Potential-current curves, 310, 522, 524 
Potential-curve method, 426 
Potential determining ions, 164, 169, 


Potential difference, 145, 209, 218, 219 
contact, 214, 265 
development of, 219-21 
equilibrium, 236 
metal-electrolyte, 282 
metal-solution, 228, 239, 265 
Nernst, 214 
single, 214 
at vacuum-liquid interface, 220 
Volta, 
Potential electrolytes, 137 
Potential gradient, electric, 320 
Potential mediators, 176 
Potential of zero charge, 265 
Potential-pH diagrams, 499, 500 
Potential-time curves, 390, 409, 410 
Potentiometric titration curves, 207 
Potentiometric titrations, 205-8 
Potentiometry, 205-8 
Potentiostatic (i vs. e) curve, 390 
Potentiostatic method, 390 
Pourbaix diagrams, 499, 500 
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Prandtl layer, 330, 329 

Precipitation potential, 243 

Preparation of solutions and electro. 
des, 394 

Primary hydration shell (solvent 
sheath), 80, 81, 89 

Primary reference electrode, 165 

Production of nitrous acid from nitric 
acid, 339-40 

Protection current, 531 

Protolysis constant, 99 

Protolytic reaction, 99 

Protolytic theory of acids and bases, 

Proton-acceptor. 97 

Proton-donor, 97 

Proton jumps, 133 

Proton-transfer reaction, 


97-8, 
Purity of solutions, 394 


133 


Qaternary electrolytes, 34 
Quinhydrone electrode, 176 
Quinone-hydroquinone system, 175 


Radioactive isotopes, 392 
Radiotracer technique, 272 
Radiowave polarography, 
Rate constant, 99. 393 
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